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ABSTRACT 

 

Tailored Formation of Mineral Carbonates in the Presence of Various Chemical Additives 

for In-situ and Ex-situ Carbon Storage 

 

Huangjing Zhao 

 

The reduction and stabilization of atmospheric CO2 concentration is currently one of the most 

challenging problems being investigated. Carbon mineralization has recently received much 

attention as one of the most promising options for CO2 sequestration. The engineered weathering 

of silicate minerals as a means of permanent carbon storage has unique advantages such as the 

abundance of naturally occurring calcium and magnesium-bearing minerals and the formation of 

environmentally-benign and geologically stable solids via a thermodynamically favored 

carbonation reaction. However, several challenges need to be overcome to successfully deploy 

carbon mineralization on a large-scale. The current limitation of the carbon mineralization 

scheme for permanent storage of anthropogenic CO2 is the slow reaction kinetics, since the 

natural weathering of silicate minerals occurs on geological time-scales. Another problem of 

mineral carbonation is that the cost of the carbon mineralization process for sequestration is 

dominated by up front energy costs during the mineral processing and carbonation. 

In this study, chemically enhanced mineral dissolution via various chelating agents was 

investigated to accelerate the overall reaction rate of ex-situ and in-situ mineral carbonation. To 



 
 

reduce the overall cost of the carbon mineralization process, the utilization of solid products as 

value-added materials, e.g. precipitated magnesium carbonates (PMC) and precipitated calcium 

carbonates (PCC), was studied. Wollastonite (CaSiO3) and antigorite, which is a kind of 

serpentine (Mg3(OH)4(Si3O5)) group minerals, were selected for this work. They are 

representative of calcium silicate minerals and magnesium silicate minerals, respectively.  

This work starts with development of an experimental framework for the systematic 

investigation of mineral dissolution and carbonation behaviors with mineral pre-processing 

considerations (e.g., the removal of fines (< 5 m) to standardize the reaction surface of the 

minerals), experimental set-up (e.g., syringe pump reactor for the investigation of mineral 

dissolution and high temperature, high pressure batch reactor for the study of direct aqueous 

mineral carbonation) and post reaction analyses (e.g., the evaluation of various carbon analysis 

techniques for the accurate estimation of the extent of carbon mineralization).  

Accelerated wollastonite weathering is experimentally studied first. For large scale carbon 

mineralization, generally Mg-bearing silicate minerals such as serpentine or olivine (Mg2SiO4) 

are the most suitable minerals due to not only their significant abundance in nature but also their 

high capacity. New York State, however, has one of the largest deposits of wollastonite in the 

United States and is considered to be a suitable place to adapt CO2 mineralization using 

Ca-bearing minerals as a CO2 storage option. Moreover, the technologies developed for 

enhancing carbonation of Ca-bearing minerals can also be applied to the industrial wastes with 

similar chemistry, such as steel slag and cement kiln dust. The effect of various types of chelating 

agents on the dissolution rate of wollastonite minerals is explored to accelerate its weathering 



 
 

rate. It is found that chelating agents such as acetic acid and gluconic acid can significantly 

improve the dissolution kinetics of wollastonite even at a much diluted concentration of 0.006 M 

by complexing with calcium in the mineral matrix. Calcium extracted from wollastonite is then 

reacted with a carbonate solution to form PCC, and the study shows that by controlling the 

reaction temperature, the morphological structure of the synthesized PCC can be tuned for 

various applications (i.e., paper fillers, plastic fillers and construction materials). 

Microbial and chemical enhancement of ex-situ and in-situ antigorite carbonation is 

investigated as well as synthesis of PMC to mimic commercially available CaCO3-based filler 

materials. The effect of various chelating agents, including volatile fatty acids produced via 

anaerobic digestion of food waste, on antigorite dissolution is investigated in a syringe pump 

reactor. It is found that oxalate performs best among over fifteen kinds of chelating agents on 

accelerating dissolution rate of antigorite minerals. Among the volatile fatty acids, valerate 

works best on antigorite dissolution followed by acetate. The concentration of valerate, however, 

is very low in the produced mixture of volatile fatty acids via anaerobic digestion. On the other 

hand, acetate is the dominant component in the mixture, so it is considered as the most valuable 

product of anaerobic digestion of food waste. Magnesium extracted from antigorite is then 

reacted with carbonates to form precipitated magnesium carbonates. The effects of various 

chelating agents, reaction time, reaction temperature and pH on the mean particle size, particle 

size distribution, composition, and particle morphological structures of precipitated magnesium 

carbonates are systematically studied. Finally, the effect of volatile fatty acids on direct aqueous 

mineral carbonation is studied in a high temperature, high pressure batch reactor with antigorite 



 
 

and olivine minerals to predict the effect of volatile fatty acids on in-situ mineral carbonation. 

Volatile fatty acids can enhance the overall reaction rate via direct aqueous mineral carbonation 

route slightly. Volatile fatty acids may be not good enough for accelerating ex-situ direct 

aqueous mineral carbonation. However, they may be suited to in-situ mineral carbonation, which 

takes years.  
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CHAPTER 1 

INTRODUCTION 

Carbon dioxide, one of the common gases composing the earth’s atmosphere has increased 

approximately 30% since the industrial age (Herzog et al., 2000). Human activities are 

responsible for almost all of the increased CO2 emission (Yegulalp et al., 2001). Increased CO2 

concentration may acidify the ocean surface and fertilize the ecosystem while its impact on 

climate change is still controversial. Upon the end of the first decade of 21
st
 century, the 

atmospheric level of CO2 has reached 387 ppm ramping up at approximately 2 ppm/y since 2000 

(Tans, 2010). Thus reducing increasing levels of anthropogenic CO2 in the atmosphere is one of 

the most significant concerns in energy and environmental research areas (IPCC 2005; IPCC, 

2007). Efforts to develop renewable energy sources and improve efficiency of energy production 

and utilization are underway to reduce CO2 emissions. However, given the rising global demand 

for energy and increasing consumption of fossil fuels, CO2 capture, utilization and storage 

(CCUS) technologies are necessary to curb CO2 emissions (IEA, 2010).  

The traditional CO2 capture and storage (CCS) included separating CO2 from the flue gases of 

major industrial emitters such as power plants or steel mills, transporting to storage sites and 

maintaining it isolated from atmosphere for long term. To reduce the high cost of CCS process, 

the idea of economic utilization of captured CO2 for commercial purposes was recently pointed 

out. There are numbers of emerging applications of captured CO2, including CO2 enhanced oil 

recovery (EOR), a process of injecting CO2 into depleted oil wells to recover untapped oil. 
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CO2-EOR is a well-established and mature technology, but it cannot reduce the CO2 

concentration in the atmosphere. Converting captured CO2 to value-added products seems like a 

good idea, however, it is constrained by the size of the market. The current rate of global carbon 

emission is about 8 GtC per year, and it is predicted to increase to nearly 26 GtC per year by 

2100 (US DOE, 2004). Compared to the huge amount of emitted CO2, the market is too small, so 

the storing of carbon is necessary and important to mitigate rising concentration of CO2 in the 

atmosphere. 

Various schemes have been proposed and developed for efficient CO2 storage (Lackner, 2003; 

Haszeldine, 2009). In particular, many storage options have been investigated including 

geological storage (Holloway, 2001; M. Orr Jr, 2009), ocean storage (Brewer et al., 1999; Martin 

et al., 1994), and mineral carbonation (Seifritz, 1990; Fan et al., 2005; Park et al., 

2008;Zevenhoven et al., 2010). Geological storage involves injecting compressed CO2, generally 

in supercritical form, directly into underground geological formations, for example empty oil and 

coal sites, gas fields and saline formations. CO2 can be dissolved in the water, so ocean is a 

natural sink of CO2. Captured CO2 can be injected into the deep ocean, where most of it would 

be isolated from the atmosphere for centuries. The general idea of mineral carbonation is 

bonding CO2 with natural or a processed minerals matrix to form stable metal carbonates.  

Generally, the following features should be considered when evaluating a specific carbon 

storage technology: capacity, stability, cost, and environmental concern. The overall carbon 

output of this century is estimated at 2,300 GtC (Lackner, 2002) while the total carbon reservoir 

of geological storage and ocean storage could not fulfill that amount of CO2 emission (Kohlmann, 
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2001). Although, the accurate capacity of mineral carbonation has not yet been concluded since 

comprehensive geological survey of available minerals is on rail, it is believed to exceed the total 

demand of mitigating the CO2 from fossil fuel usage. On the other hand, concerning the reflux of 

CO2 into atmosphere over centuries by geological and ocean storage, mineral carbonation has its 

advantages over the other two methods because it is more permanent and safer by forming CO2 

into carbonates (Teir, 2006). Currently, ocean storage of CO2 is not suggested more because of 

the exacerbating of ocean acidification. Geological storage of CO2 is considered to be the most 

economical method for storage because of the low initial cost, while CO2 storage by forming 

mineral carbonates is a relatively new and less explored. 

The idea of mineral carbonation was firstly proposed by Seifritz in 1990, and then Lackner 

and his colleagues at Los Alamos National Laboratory applied the process to trap CO2 (Seifritz, 

1990; Lackner et al., 1997). Carbon mineralization involves exothermic carbonation of naturally 

occurring Mg- or Ca-bearing silicate minerals, such as serpentine (Mg3Si2O5(OH)4), 

forsterite/olivine (Mg2Si2O4), and wollastonite (CaSiO3). The well-recognized advantages of 

CO2 mineralization include (i) large storage capacity far exceeding the coal reservoir, (ii) no 

need for long-term monitoring, (iii) ease of accounting and verification of stored CO2, and (iv) 

the production of environmentally-benign and thermodynamically stable mineral carbonate 

products with potential utilization options. 

Nevertheless, the constraints of mineral carbonation are also quite obvious. The current 

limitation of the carbon mineralization scheme for the permanent storage of anthropogenic CO2 

is the slow reaction kinetics, since the natural weathering of silicate minerals occurs on 
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geological time-scales. Researchers have been working on the enhancement of mineral 

carbonation, but most of the prior studies have focused on the pretreatment of minerals to 

increase the overall conversion, for example heat treatment. These methods, however, are highly 

energy intensive except size reduction. Recent studies have been focused on enhancing the 

dissolution rate by adding chemical additives to accelerate the overall reaction rate. Another 

problem of mineral carbonation is that the cost of the carbon mineralization process for 

sequestration is dominated by up front energy costs during the mineral processing and 

carbonation. Therefore, it has been argued that without a major breakthrough in this technology 

it will not be possible to deploy this carbon storage scheme on a large-scale. 

In this particular work, microbial and chemical enhancement of mineral carbonation is 

investigated with wollastonite and antigorite mineral. Moreover, synthesis of PCC and PMC, 

which are known as value-added products, is systematically studied as a part of the pH swing 

carbon mineralization process, for the goal of reducing the cost of the mineral carbonation 

process. The content of this research has been organized into the several chapters based on their 

relevance. 

In Chapter 2, a detailed background of mineral carbonation is described, including possible 

feedstock of carbon mineralization, pretreatment of silicate minerals, various mineral 

carbonation process routes and utilization of value-added products, calcium carbonates and 

magnesium carbonates of the process. At the end of this chapter, the research objectives of this 

study are described. 
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In Chapter 3, a detailed methodology of this study, including mineral pre-processing, 

experimental set-up, and post reaction analyses, is presented. Development of a new mineral 

cleaning process and a differential bed reactor, which are considered to have very important 

effects on the kinetic study of mineral dissolution, is discussed. Moreover, development of a 

bubble column reactor for precipitation of calcium and magnesium carbonates, and various 

analytical tools which are necessary for this study are described. 

In Chapter 4, the effects of various chelating agents on wollastonite dissolution are evaluated. 

Effect of pH and concentration of chelating agents on wollastonite dissolution are discussed as 

well. In the precipitation section, effects of reaction temperature and different calcium sources on 

the formation (mean particle size, particle size distribution, chemical composition and 

morphological structure) of precipitated calcium carbonates are presented in detail. The 

utilization of synthesized precipitated calcium carbonates is pointed out at the end of this 

chapter. 

In Chapter 5, a systematic comparison of effects of fourteen kinds of chelating agents, in 

which six of them are produced via anaerobic digestion of food waste, on antigorite dissolution is 

presented. Effects of concentration of chelating agents, pH and ionic strength of aqueous system 

on antigorite dissolution are discussed also. Finally, a solid-liquid reaction model is introduced to 

the kinetic study of antigorite dissolution, and the difference mechanisms of antigorite mineral 

dissolution are described.  

In Chapter 6, tailored synthesis of precipitated magnesium carbonates, which are considered to 

replace the filler market for precipitated calcium carbonates, as a part of the pH swing carbon 
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mineralization process is discussed. Effects of reaction temperature, system pH and aging time 

on the mean particle size, particle size distribution, morphological structure and chemical 

composition of synthesized precipitated magnesium carbonates are presented in detail. The 

possible utilization of synthesized precipitated magnesium carbonates is mentioned also.    

In Chapter 7, microbial and chemical enhancement of mineral carbonation is presented. The 

possibility of using volatile fatty acids, which are also considered to be cheap chelating agents, 

produced via anaerobic digestion of food waste to accelerate ex-situ and in-situ mineral 

carbonation is discussed. Effect of various volatile fatty acids as well as succinate and lactate, 

which are also the products of anaerobic digestion of food waste, on antigorite dissolution in 

indirect aqueous mineral carbonation route is evaluated first. Effect of various volatile fatty acids 

on antigorite and olivine carbonation in direct aqueous mineral carbonation route is then 

discussed. Finally, effect of various volatile fatty acids on formation of precipitated calcium 

carbonates is studied. 

In Chapter 8, conclusions of this work and recommendations for the future study are 

summarized. 
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CHAPTER 2 

BACKGROUND 

2.1. Carbon Mineralization 

Mineral carbonation can be categorized into in-situ and ex-situ processes. In-situ mineral 

carbonation is the combination of geological storage and underground mineral carbonation. 

However, due to the very slow reaction between minerals and CO2 in natural geologic media, the 

portion of carbon storage by in-situ mineral carbonation is limited. The more attractive process is 

ex-situ mineral carbonation.  This work is focused on the lab-scale ex-situ mineral carbonation 

and used the ex-situ method to mimic in-situ mineral carbonation, so in this chapter ex-situ 

mineral carbonation is mainly described, including possible feedstock, pretreatment of silicate 

minerals, various mineral carbonation process routes and utilization of by-products, e.g. calcium 

carbonates and magnesium carbonates. 

2.1.1. Minerals 

A variety of elements can be carbonated, such as alkali and alkaline metals. Due to the high 

solubility of alkali carbonates, however, alkali metals cannot form stable carbonates. On the 

other hand, alkaline metals, like magnesium and calcium, are considered to be the most suitable 

ones for mineral carbonation. They can form insoluble carbonates in nature and their reserves are 

huge. Besides alkali and alkaline metals, other metals can also form carbonates, e.g. Mn, Fe, Co, 

Ni, Cu and Zn, however, they are not suitable for mineral carbonation, because they are rare and 
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precious (Huijgen and Comans, 2003). 

The most common minerals in the earth’s crust are silicate minerals, especially magnesium 

silicates (Krevor et al., 2009), and silicate minerals can be carbonated, because silicic acid is a 

weaker acid than carbonic acid. Thus it is considered that magnesium silicate minerals are the 

most suitable feedstock of carbon mineral sequestration. Calcium silicate minerals are also 

suitable for mineral carbonation. However, the reserve of calcium silicates is far less than 

magnesium silicates. Mineral carbonation occurs in nature, and due to the high reactivity with 

CO2, most calcium silicate minerals are already carbonated in nature. Among the various silicate 

minerals, olivine, serpentine and wollastonite have been studied most. Although serpentine is 

more difficult to be carbonated compared to olivine and wollastonite, serpentine is considered to 

be the most useful silicate mineral for carbon mineral sequestration due to the large capacity. 

2.1.2. Pretreatment 

Ex-situ mineral carbonation process routes contain pre-treatments and carbonation process. 

The main drawback of mineral carbonation is the relatively low reaction rate. While some studies 

are focused on developing or modifying the process routes, other studies are looking for 

modifying the surface of feedstock to increase the reaction rate. Most of the pre-treatment 

methods have tried to chemically or physically enlarge the surface area. 

A simple and most effective way to increase the surface area of silicate minerals is to grind the 

minerals to get small particles. O’Connor et al. have found that the reduction of particle size 

from 106-150µm to smaller than 37µm resulted in the enhancement in conversion from 10% to 
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90% (O’Connor et al., 2000). It is known that only the conventional grinding is energetically and 

economically feasible. High-energy attrition grinding results in a higher conversion than normal 

grinding, but results in high energy consumption (Gerdemann et al., 2002). 

Heat treatment is usually introduced into serpentine mineral carbonation, because serpentine 

minerals contain up to 13wt% crystal water. By heating serpentine minerals around 600-650 ºC, 

the chemically-bound water can be removed and structure will be opened to increase the surface 

area (O’Connor et al., 2000). Li et al. have found that the optimum temperature for serpentine 

heat treatment is 650 ºC, because at that temperature the decomposition of hydroxyl groups 

causes the crystalline features change (Li et al., 2009). However, heat treatment is also energy 

intensive (~300kWh/ton feedstock) (O’Connor et al., 2004). 

Surface activation techniques have been studied at Pennsylvania State University including 

physical (by steam) and chemical (by acid, e.g. H2SO4 or HNO3) methods. The serpentine 

surface area can be increased from 8 m
2
/g to 330 m

2
/g. During the treatment, however, 

magnesium will be leached out, which drives the decreasing of the CO2 storage capacity. 

Ultrasonic pretreatment of olivine has been studied by O’Connor et al., but they fail to achieve a 

higher reactivity. They have also investigated wet grinding in a caustic solution (1M NaOH and 

1M NaCl), and it is found that it is difficult to get a reasonable carbonation rate (O’Connor et al., 

2001).  Many other pretreatment options have been studied. Compared to conventional size 

reduction, however, there is no option which can work better. The main issue of other 

pretreatment options is high energy consumption.  
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2.1.3. Ex-situ Mineral Carbonation Process Routes 

The overall process of mineral carbonation can be separated into two steps, dissolution of 

calcium or magnesium into solution from the minerals and the precipitation of calcium or 

magnesium carbonates from solution. The process routes of mineral carbonation can be 

categorized into direct and indirect routes. Direct carbonation, which is also known as one-step 

carbonation, is a simple process route of mineral carbonation. In direct carbonation the 

dissolution and precipitation occur simultaneously. The processes of mineral carbonation, which 

include two or more stages, are classified indirect carbonation. Usually the process of indirect 

mineral carbonation can be divided into dissolution and precipitation steps. By dissociating the 

dissolution and precipitation steps, it is easy to find out the optimal reaction condition for each 

step, which results in the enhancement of overall reaction rate. Furthermore, it is easy to figure 

out advanced catalysts or chelating agents for dissolution and precipitation steps separately. In 

direct mineral carbonation, however, by combining the dissolution and precipitation together, 

one step has to compromise with conditions of system pH and reaction temperature to 

accommodate both steps. It is known that dissolution of silicate minerals favors low pH and high 

temperature conditions. However, the optimal condition for precipitation of carbonates is high 

pH and low temperature. Recently, the indirect mineral carbonation process has attracted more 

attention. 

Direct gas-solid carbonation is the simplest mineral carbonation route in which CO2 gas 

directly reacts with silicate minerals at a particular temperature and pressure. Lackner et al. 
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studied this process route first (Lackner et al., 1997). Before 2000, direct gas-solid carbonation 

with calcium and magnesium silicate minerals had attracted a lot of attention. Since 2004, 

however, little research on the direct gas-solid carbonation with calcium and magnesium silicates 

has been reported. The main advantage of the direct gas-solid process is the potential utilization 

of the heat generated by the carbonation reaction. Its reaction rate, however, is too slow. Because 

of this, the direct gas-solid carbonation process route seems not a potential industrially viable 

process.  

Direct aqueous carbonation means dissolution and carbonation reactions take place at the same 

time in an aqueous system. It is known that the presence of water can significantly enhance the 

reaction rate of mineral carbonation. There are a lot of studies on the direct aqueous carbonation 

process, and this process route is the most promising option so far because of the relative low 

cost compared to other mineral carbonation processes. The water-mineral-CO2 direct aqueous 

carbonation process contains three reactions, including dissolution of CO2 in water to generate 

proton and bicarbonate ions, extraction of calcium or magnesium from mineral matrix and 

precipitation of calcium or magnesium carbonates, and these three reactions occur 

simultaneously in the aqueous system. Usually additives are added to the aqueous system to 

enhance the overall reaction rate. The most common additive is bicarbonate and salt mixture 

(0.64M NaHCO3/1.00M NaCl) (O’Conner et al., 2000). The effect of sodium bicarbonate is 

increasing the concentration of bicarbonate in the solution to accelerate the precipitation reaction. 

Addition of sodium chloride increases the concentrations of soluble magnesium-chloride 

complexes (e.g. MgCl3
-
, MgCl4

2-
), so the activity of magnesium ion decreases and the decreasing 
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activity of magnesium ion promotes the dissolution reaction.  

While most studies focus on the aqueous carbonation process options, a research group at Abo 

Akademi University, Turku, Finland continues the study on gas-solid mineral carbonation and 

they have found out a multistage gas-solid carbonation process. Multistage gas-solid carbonation 

process can overcome the slow reaction rate which is the main issue of the direct gas-solid 

carbonation. The process is based on the observation that the carbonation of Mg(OH)2 is much 

faster than the carbonation of MgO, and it can be divided into three steps, including extraction of 

MgO from serpentine mineral, hydration of MgO, and carbonation of Mg(OH)2 at high 

temperature (> 500 ºC) and high pressure (> 20 bar) (Zevenhoven et al., 2006; Zevenhoven et 

al., 2008). A more complex carbonation option has been reported by the same research group 

recently. Ammonium sulphate solution was used as extraction agent of magnesium (Fagerlund., 

2010). Compared to direct gas-solid carbonation, multistage gas-solid carbonation process has 

improvement in the reaction rate. However, the overall carbonation rate is still too slow for large 

scale implementation. The advantage of gas-solid carbonation is low energy input compared to 

aqueous carbonation (Fagerlund et al., 2009).  

Indirect aqueous mineral carbonation processes are using the concept of pH swing. In the pH 

swing process, dissolution happens at low pH condition and precipitation occurs at high pH 

condition. Silicate minerals are alkaline, so dissolution of silicate minerals favors acidic 

condition. It is proved that basic solutions, e.g. NaOH and KOH, and slats are not effective in 

leaching calcium and magnesium out from the mineral matrix (Sipilä et al., 2007). On the other 

hand, precipitation of carbonates prefers alkaline condition. Strong acids, e.g. HCl, HNO3 and 
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H2SO4, were studied as extraction agents for the dissolution step. They are good extraction 

agents for mineral dissolution, however, the process is highly energy intensive because in the 

precipitation step, a huge amount of NaOH is needed to neutralize these acids. Another option is 

using weak acids, e.g. acetic acid, succinic acid etc., for mineral dissolution (Kakizawa et al., 

2001; Park et al., 2003; Kodama et al., 2008). Weak acids, like acetic acid, oxalic acid etc., not 

only provide low pH condition for mineral dissolution, but also can make Ca- or Mg-ligand 

complexes to accelerate the mineral dissolution. It is considered that acids which are stronger 

than silicic acid but weaker than carbonic acid are suitable extraction agents for mineral 

carbonation. Another advantage of pH swing process is producing pure PCC and PMC, which 

are considered value-added products, in the precipitation step. Indirect aqueous carbonation 

seems to be the most attractive process route at present. The main drawback of the pH swing 

process is that to get acidic and alkaline condition, lots of acid and base are needed. 

2.1.4. Precipitated Calcium Carbonates and Precipitated Magnesium Carbonates  

One of the methods of reducing the overall cost of the carbon mineralization process is the 

utilization of solid products for value-added materials, e.g. PMC and PCC. The demand for PCC 

as filter materials is enormous in paper, paints, and plastics/rubber industries (Huijgen et al., 

2005; Teir et al., 2006; Huntzinger et al., 2009). PMC’s application is broad, but its demand is 

much smaller than PCC (Teir et al., 2009). Commercially available PCC are engineered for 

various physical and optical properties including dry strength, smoothness, and brightness 

depending on the applications. The morphological uniformity and the narrow particle size 
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distribution are also key characteristics. Since the produced PMC in the process of carbon 

mineralization is also white powder, and their particle size distribution, morphological structure, 

dry strength as well as smoothness can be controlled by process conditions, it was proposed that 

PMC could replace PCC in various applications. The broad versatile utilization of PCC and PMC 

can provide additional economic benefit to the process of carbon mineralization. 

2.2. Research Objectives 

The ultimate objective of this work is to develop a microbial and chemical enhancement 

scheme for ex-situ and in-situ carbon mineralization in order to fix CO2 into stable form, while 

synthesize PMC and PCC as value-added products as a part of the pH swing carbon 

mineralization process. The key research questions that were addressed by this study include: 

• How do the various chemical additives affect ex-situ and in-situ mineral dissolution and 

carbonation reactions?  

• What are the optimum reaction conditions of ex-situ and in-situ carbon mineralization? 

• Can waste-derived organic acids be used to promote ex-situ and in-situ mineral 

dissolution? 

• How do the various chemical additives, reaction temperature, aging time and pH affect 

the formation of PMC and PCC during ex-situ carbon mineralization?  

• What are the potential uses of PMC and PCC? 
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CHAPTER 3 

EXPERIMENTAL DESIGN AND DATA ANALYSIS FOR ACCURATE 

ESTIMATION OF REACTION KINETICS AND CONVERSION 

FOR CARBON MINERALIZATION 

 

The contents of this chapter have been submitted to the Journal of Chemical & Engineering Data 

for publication (with G. Gadikota, E. J. Swanson, and A.-H. A. Park, Industrial & Engineering 

Chemistry Research (in review)). 

 

Abstract 

Mg- and Ca-bearing silicate minerals can react with CO2 to form mineral carbonates to 

permanently store CO2. While significant advancements have been made for both in-situ and 

ex-situ carbon mineralization, there are still significant discrepancies in the reported kinetics and 

conversions. These challenges are often due to a number of factors including the inconsistency 

among various experimental methodologies, the chemical heterogeneity of the minerals, and the 

lack of fast kinetic and morphological data probing the reaction mechanisms. Therefore, this 

study focused on the development of an experimental framework for the systematic investigation 

of mineral dissolution and carbonation behaviors with mineral pre-processing considerations 

(e.g., the removal of fines (< 5 m) to standardize the reaction surface of the minerals) and post 

reaction analyses (e.g., the evaluation of various carbon analysis techniques for the accurate 

estimation of the extent of carbon mineralization). With the newly developed mineral cleaning 



22 
 

protocol and a high pressure, high temperature differential reactor, the carbonation studies of 

olivine (Mg2SiO4) and serpentine (Mg3(OH)4(Si3O5)) revealed that the silicate mineral 

dissolution was highly incongruent at the early stage of the reaction, and mineral dissolution 

became mass transfer limited as the Si-rich layer formed. Thus, the importance of discussing 

morphological changes in the context of the chemical alteration of minerals and the reaction 

progress was elucidated. Various methods for determining the carbon content in carbonated 

minerals were also critically reviewed. When organic chemical additives are used to enhance the 

mineral carbonation, TIC analysis should be carried out for the accurate estimation of the extent 

of mineral carbonation.  

3.1. Introduction 

The deployment of Carbon Capture, Utilization and Storage (CCUS) technologies is one of the 

most important environmental and ecological challenges that are currently faced by the scientific 

community. If the concentration of CO2 in the atmosphere is not limited to 550 ± 50 ppm 

(Watson, 2001), serious environmental consequences which include greater frequency of 

extreme weather events and inverted weather patterns are expected. The current concentration of 

CO2 is about 393 ppm as of October 2013 and has been increasing approximately at a rate of 2 

ppm per year since 2000 (Tans & Keeling, 2010), primarily due to a rising global consumption 

of fossil fuels.  

One of the most safe and permanent methods to store CO2 is by reacting it with silicate 

minerals containing calcium and magnesium to form thermally stable, water insoluble and 
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environmentally benign calcium and magnesium carbonates (Lackner, 2002). This process is 

known as carbon mineralization and can be performed via both in-situ and ex-situ modes. While 

many researchers are working in this field of carbon mineralization, there are considerable 

uncertainties and discrepancies around the rate and carbon storage potential estimates of 

CO2-mineral-water interactions. The highly heterogeneous nature of minerals, the chemistry of 

reaction fluid (e.g., brine or solvents with different compositions), and pore structures and 

surface areas are example of the parameters that strongly affect the reactivity of silicate minerals 

with CO2. These parameters affect both in-situ injection of CO2 directly into the geologic 

formations to naturally carbonate over geologic time frame, and ex-situ carbon mineralization via 

mining and processing in an engineered reactor system.   

The reaction rates of in-situ carbon mineralization are expected to be much slower due to the 

low surface area available for reactions and mass transfer limitations that can also be caused by 

the presence of insoluble non-reacting phases and the formation of silica-rich layer on the 

reactive surface. Thus, CO2 is injected into the geologic formation in the depth where sufficient 

permeability exists with a strong cap rock to prevent leakage and where the geothermal heat can 

be utilized to facilitate accelerated mineral carbonation. In the ex-situ case, there are more 

options to engineer the CO2-mineral-water reactions. Crushing and grinding the minerals 

increases the surface area and various thermal, mechanical or chemical treatments can be used to 

accelerate the rates of both mineral dissolution and carbonate formations (Chizmeshya et al., 

2007; O’Connor et al., 2004; Park et al., 2003, 2004).  
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Regardless of whether carbon mineralization occurs in-situ or ex-situ, there are three main 

reaction steps involved in the formation of mineral carbonates. The first is the hydration of 

gaseous CO2 to form bicarbonate and carbonate ions in the aqueous solution (Reactions 3.1-3.3). 

The second is mineral dissolution producing Ca- or Mg-rich solutions as exampled in Reactions 

3.4 and 3.5 for Mg-bearing minerals, forsterite (Mg2SiO4) and serpentine (Mg3(OH)4(Si3O5)). 

Note that forsterite minerals often found with Fe and those minerals are called olivine 

((Mg,Fe)2SiO4), which has been extensively studied for carbon storage along with serpentine. 

The dissolution behavior of olivine is similar to that of forsterite. The third step involves 

formation of insoluble calcium and magnesium carbonates via ionic reactions (Reaction 3.6). 

Combining these three reaction steps, results in the overall reactions for forsterite (Reaction 3.7) 

and serpentine (Reaction 3.8) carbonation given below.  

CO2 hydration:                                                  (Rx. 3.1)  

                                                                                   
                 (Rx. 3.2) 

                     
          

                                   (Rx. 3.3) 

Forsterite Dissolution:                                                             (Rx. 3.4) 

Serpentine Dissolution:                                                        (Rx. 3.5) 

Carbonate Formation:                
                                (Rx. 3.6) 

Overall Reactions: 

                                                                                (Rx. 3.7)  
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                                                                             (Rx. 3.8) 

During the early development of carbon mineralization technologies, it was assumed that the 

overall rate limiting step in carbon mineralization was the dissolution of Mg-bearing silicate 

minerals. However, with the recent advancements in accelerating mineral dissolution rates (Park 

et al., 2003, 2004), the rate limiting step shifts among CO2 hydration, mineral dissolution and 

carbonate formation steps, depending on the pH, partial pressure of CO2, temperature and the 

presence of chemical additives (Harrison et al., 2013; Saldi et al., 2012). Furthermore, the mode 

of reactions (e.g., single-step vs. two-step pH swing processes) was also found to influence the 

overall rate of reactions. For example, while mineral dissolution is favored at low pH, the 

formation of mineral carbonates is favored at pH > 6 (Lackner, 2002; Park et al., 2003, 2004). 

Thus, the two-step approach where mineral dissolution is performed under acidic condition and 

carbonate formation is carried out under basic condition, would achieve faster individual reaction 

rates, whereas a single-step mineral carbonation would allow in-situ pH swing leading to 

reactions far from equilibrium. In the case of in-situ or single-step carbon mineralization, CO2 

hydration, mineral dissolution and carbonate formation are coupled in a simultaneous mode 

(Gadikota et al., (2013);  Matter, Kelemen, & Park, 2013; Kelemen & Matter, 2008; Kelemen 

et al., 2011; Matter & Kelemen, 2009), which further complicates the determination of the rate 

limiting step.  

A number of pretreatment options of Mg-bearing minerals including attrition grinding and 

thermal dehydroxylation of hydrous minerals (e.g., serpentine) were found to disrupt the crystal 
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structure of the minerals and enhance the reactivity of the minerals (Gerdemann et al., 2007; 

O’Connor et al., 2004). While these pretreatments significantly improved the overall extent of 

carbon mineralization of Mg-bearing minerals, it was also argued that those energy intensive 

pretreatments would lower the net carbon storage potential for the proposed technology.   

Even without the pretreatments, some of the Mg-bearing minerals showed promising results 

for carbon storage. For the range of the partial pressure of CO2 from ambient to 150 atm (often 

suggested as the optimal transportation pressure), higher PCO2 greater carbon mineralization was 

achieved. The partial pressure of CO2 also impacts the pH and the concentration of carbonate 

species in the aqueous phase. Increasing the reaction temperature favors olivine (Awad et al., 

2000; Chen & Brantley, 2000; Giammar et al., 2005; Hänchen et al., 2006; Oelkers, 2000) and 

serpentine (Palandri & Kharaka, 2004) dissolution kinetics. Similarly, the formation of 

magnesium carbonates is favored at high temperatures as the solubility of carbonate species 

decreases with increasing temperature and the reaction kinetics also improved at higher 

temperatures (Bénézeth, 2011).  

The roles of chemical additives on mineral dissolution and carbonate formation have also been 

studied by many research groups. As expected, strong acids such as H2SO4 and HNO3 do 

enhance the dissolution of Mg- and Ca-bearing silicate minerals which are basic in nature (Van 

Essendelft & Schobert, 2009a, 2009b), and others have reported that even weak organic 

chelating agents such as oxalate and acetate can bind with Mg or Ca on the mineral surface and 

enhance their leaching into the liquid phase with lower environmental impacts (Park et al., 2003, 

2004). The formation of mineral carbonates are favored at high pH so that the addition of strong 
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bases such as NaOH greatly enhances the precipitation of carbonates from the solution phase 

(Zhao et al., 2010). Other chemical additives and catalyst have also been evaluated and NaHCO3 

was found to serve as a carbon source and a pH buffer that enhances mineral carbonation 

(Chizmeshya et al., 2007; Gadikota et al., 2013; Gerdemann et al., 2007; O’Connor et al., 2004). 

Most recently, a strong enzymatic catalyst called carbonic anhydrase has been suggested to 

accelerate the rate of CO2 hydration to improve the overall carbon mineralization rate (Favre et 

al., 2009). 

Inherently, ex-situ carbon mineralization is more flexible in tuning these reaction parameters 

to achieve an optimal conversion, particularly based on a pH swing method (Park et al., 2003, 

2004; Sanna et al., 2012). For example, olivine dissolution is favored in the presence of oxalate, 

which binds to Mg in the mineral matrix and forms a Mg-oxalate complex that disrupts the 

Mg-O bond in the mineral matrix and favors its dissolution, as represented in Figure 3.1. As 

magnesium is progressively leached into the solution, a Si-rich, mass transfer limiting 

passivation is formed due to incongruent dissolution of olivine (Béarat et al., 2006; Daval et al., 

2011; King et al., 2010). The formation of Si-rich layer on the olivine surface eventually limits 

the extent of olivine dissolution. The unreacted minerals are then separated from the liquid phase 

and the solution containing Mg is contacted with CO2 to form magnesium carbonates. A bubble 

column reactor is often used for this step. While the desired precipitate is anhydrous magnesium 

carbonate (MgCO3) with the highest Mg to C ratio and the lowest molecular weight, the 

formation of various magnesium carbonate phases such as magnesite (MgCO3), hydromagnesite 

(Mg5(CO3)4(OH)2·4H2O) and nesquehonite (MgCO3.3H2O) has been observed, depending on the 
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temperature, partial pressure of CO2, pH and ionic strength (Fricker & Park, 2013; Hänchen et 

al., 2008; Zhao et al., 2010). Magnesite is favored at higher temperatures, while hydromagnesite 

and nesquehonite are favored at lower temperatures (Hänchen et al., 2008).  

As shown here, regardless of whether carbon storage occurs in-situ or ex-situ, it would be 

important to understand the kinetics and mechanisms of the CO2-mineral-water interactions at 

in-situ and ex-situ conditions. Unfortunately, these data are still lacking and there are large 

discrepancies among the published data due to the large chemical and physical heterogeneities in 

minerals. Given these challenges, this study focused on the development of a better mineral 

sample preparation protocol as well as well-designed experimental and analytical systems that 

can provide both fast (surface reaction limited) and slow (mass transfer limited) kinetics of 

mineral dissolution and carbonation. More robust and accurate carbon analyses were also carried 

out to improve the estimation of carbon storage potential of the minerals and rocks being studied. 

This study also probes the effects of fine particles (< 5 μm) and weathering of minerals on the 

mineral reactivity, and the importance of correlating the morphological changes to each step of 

mineral carbonation process in order to shed light into the reaction mechanisms and potential 

implication in the stability of geologically stored CO2.  

3.2. Materials and Their Characterization 

Twin Sisters olivine and Cedar Hill antigorite sheet-like serpentine were procured from our 

collaborator at Albany Research Center (ARC). These minerals were ground and sieved to obtain 

a narrow particle size distribution (dp < 175 m). A battery of analytical tools was used to 
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characterize the minerals before and after reactions. A laser-based particle sizer (Beckman 

Coulter, Inc., LS 13 320 MW) was used to determine the mean particle size and particle size 

distributions. Wavelength Dispersion X-Ray Fluorescence (WD-XRF, Pananalytical Axios) and 

X-Ray Diffraction (XRD 3000, Inel Inc.) in the range of 20
o
 and 80

o
 and CuKα radiation (λ = 

1.5406 Å) were used to determine the chemical compositions and the crystalline structures of the 

mineral samples, respectively. The compositions of olivine and antigorite were listed in Table 

3.1. The Loss of Ignition (LOI) test was performed to quantify the water content in the mineral 

samples. The BET technique (Quantachrome NovaWin BET Analyzer) was used to determine 

pore volume and surface area of the mineral samples, while the surface morphological features 

were determined using a Scanning Electron Microscopy (SEM, JEOL JSM 5600).  

Figure 3.2 shows the schematic of experimental designs used in this study and typical data that 

can be obtained from each experiment. Mineral dissolution and carbonate formation were first 

studied separately in order to investigate each involved reaction independently. The coupled 

reaction was also performed to mimic single-step or in-situ mineral carbonation studies. The 

development of the sample preparation protocol and the novel experimental design as well as the 

experimental findings associated with different experimental approaches contribute to the major 

part of this study, and thus, their detailed descriptions are given in the results and discussion 

section.  

3.3. Results and Discussion 

3.3.1. Sample Preparation and Mineral Cleaning Protocol 
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Surface area available for reactions is one of the most important factors determining the rate 

and extent of reactions for given mineral volume and reaction time. Unfortunately, most of the 

silicate minerals that are being studied for mineral carbonation are very low in specific surface 

area (e.g., 2-10 m
2
/g). Thus, in order to achieve a measurable extent of carbonation within a 

lab-scale time frame which is significantly less than geologic time frame, most of the studies for 

in-situ carbonation are performed with ground mineral samples. Smaller the particle size, greater 

the surface area which in turn affects the extents of mineral dissolution and carbonation. 

Therefore, it is important to accurately characterize the particle size and surface area for the 

accurate estimation of the surface reaction rate of mineral dissolution. The smaller particle size 

was also important because minerals being studied here were chemically heterogeneous. In order 

to get a representative chemical composition of the mineral, the sample had to be ground and 

well mixed before collecting a small sample. 

While smaller grain size is desired for the kinetic studies of mineral dissolution, it was also 

suggested that excessive grinding may disrupt the crystal structure of the mineral which in turn 

allows a significantly lower activation energy for the reaction (Gerdemann et al., 2007; 

O’Connor et al., 2004). Thus, fine particles with a higher surface area to volume ratio (< 5 m) 

would result in an unusually high reaction rate due to a large fraction of highly disordered 

surface crystal matrix. Therefore, in order to determine the true surface reaction rate of mineral 

dissolution, it was important to eliminate those fine particles that would lead to an overestimated 

mineral dissolution rate.  
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To address this issue, a systematic mineral cleaning protocol was developed to prepare mineral 

samples for a better kinetic study that could be used for the prediction of in-situ and ex-situ 

mineral dissolution rates. The process of removing fine particles smaller than 5 μm was called 

“cleaning” and the mineral sample from which fines were removed was named as “cleaned 

mineral”. The sample containing fines was called “raw” or “uncleaned” mineral. Ground mineral 

samples were first dry sieved to exclude particles greater than 175 μm using a Model RX W.S. 

Tyler Portable Sieve Shaker. The collected mineral particles (< 175 m) are then cleaned based 

on the mineral cleaning protocol in Figure 3.3.  

In this particular study, 25 g of the ground mineral was cleaned in each batch. They were first 

added to the 10 μm sieve along with deionized (D.I.) water. The sieve was then placed in an 

ultrasonic bath filled with D.I. water and shaken for five minutes. After five minutes, the particle 

size distribution of the cleaned mineral was obtained. If particles with diameter < 5 μm were 

present, then the cleaning process outlined above was repeated till fine particles < 5 μm were all 

removed. After the cleaning cycles were completed, the mineral samples were dried at 70 
o
C for 

24 hours in a vacuum oven, which eliminates any potential reaction between cleaned minerals 

and air (e.g., CO2 in air). Drying mineral samples at temperatures greater than 70 
o
C may result 

in a change in chemical composition (e.g., dehydroxylation of hydroxide or calcination of 

carbonate phases).  

Figure 3.4 shows the examples of the particle size distributions and chemical compositions of 

raw and cleaned mineral samples for the case of antigorite. As shown in Figure 3.4(a), cleaning 

ground antigorite using the protocol given in Figure 3.3 was effective in ensuring that particles 
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smaller than 5 μm were removed in the cleaned sample. Importantly to note, the compositions of 

antigorite were unchanged before and after cleaning as represented in the XRD patterns in Figure 

3.4(b). The mean particle diameters of uncleaned and cleaned antigorite were 23.6 μm and 45.7 

μm, respectively. The absence of fine particles smaller than 5 μm in cleaned antigorite was also 

confirmed by SEM images as represented in the inset. As expected, removing fine particles also 

reduced the measured specific surface area by more than 50%, from 6.44 m
2
/g for uncleaned 

antigorite to 3.00 m
2
/g for cleaned antigorite. The pore volume also decreased from 0.024 ml/g to 

0.011 ml/g after cleaning, while the mean pore diameter was unchanged at 4.16 nm.  

As illustrated here, the mineral cleaning protocol was able to prepare mineral samples for the 

kinetic studies with representative chemical composition and surface reactivity of the minerals. 

But during extensive preliminary experiments, another important factor that impacts the 

reactivity of the minerals was detected. Weathering of minerals can significantly reduce the 

reactivity of minerals and the extent of weathering does not need to be high to cause this effect. 

A few studies reported that aging minerals such as diopside (MgCaSi2O6) resulted in reducing 

the reactivity of this mineral (Eggleston et al., 1989). Anhydrous minerals such as olivine being 

studied for this study can also be weathered via hydration to form hydrous magnesium silicate 

phase (e.g., serpentine). The level of weathering was very small so that the XRD and TGA 

results did not indicate any chemical changes of olivine. On the other hand, there were 

significant changes in the reactivity of olivine when the mineral sample was exposed to air for 

extended period of time. The formation of molecular level, thin layers of weathered phases on 
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the surface of the minerals was able to inhibit surface reactions of the minerals. Table 3.2 

summarizes the findings into five cases of olivine carbonation studies.   

Ground olivine was cleaned to remove fine particles smaller than 5 μm in 2010 when the 

samples were originally procured from ARC. The samples were then stored in the lab for two 

years prior to the carbonation studies. First, the experiments were performed to reproduce the 

most widely cited data by the ARC group. At 185 
o
C and CO2 partial pressure of 139 atm, the 

cleaned olivine and the fines collected during cleaning that were stored for two years were 

carbonated for 3 hours in 1.0 M NaCl + 0.64 M NaHCO3 with 15 wt% solid concentration while 

stirring at 800 rpm. Unfortunately the extents of olivine and fine olivine carbonation were only 

1.5% and 15.1% respectively, which were alarmingly lower than 68% reported by the ARC 

group and other literature values on olivine carboantion (Chizmeshya et al., 2007; Gerdemann et 

al., 2007; O’Connor et al., 2004). Note that literature studies were mostly performed without 

removing fines. The experiment was repeated numerous times but the extent of olivine 

carbonation did not improve. Since even the fine olivine (< 5 m) resulted in a very limited 

extent of carbonation, it was concluded that the size of olivine particle was not the major effect 

of this phenomenon. The XRD and TGA analyses did not show any change in chemical 

compositions for those olivine samples compared to the originally received materials from ARC.  

The carbonation experiments were then repeated under the same reaction conditions with 

freshly ground olivine samples. The re-ground olivine samples were re-sieved to get the same 

particle size and particle distributions as the old olivine and fine olivine samples used in the 

previous experiments. It was found that the extents of carbonation for freshly reground olivine 
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with a particle size in the range of 10-90 μm and freshly collected olivine fines (< 20 m) were 

11.9% and 79.5%, respectively. Comparing the old and freshly ground olivine dissolution data, it 

was clear that the thin layer of partially serpentinized materials on the mineral surface strongly 

inhibited the reactivity of the minerals like olivine. This phenomenon was not observed for the 

old and freshly ground serpentine samples because serpentine is already hydrated form of olivine. 

The extents of carbonation of freshly ground and old serpentine were 15.5% and 14.1%, 

respectively, at the same experimental conditions as olivine carbonation studies. Finally, an 

experiment was performed using the freshly ground olivine without removing fines. The fraction 

of fines in uncleaned olivine was 90% (< 37 m) and 70% (< 20 m) and the extent of 

carbonation of this olivine sample was found to be 73.1%, which was most close to the literature 

values. 

Comparing the freshly ground olivine cases with the literatures values, it is evident that the 

particle size, particularly smaller than 20 m, is significantly involved in mineral dissolution and 

carbonation. While the high extent of olivine carbonation provides a promising route to the 

development of ex-situ mineral carbonation technology for economic carbon storage, the kinetic 

and mechanistic studies performed using those fine mineral particles should be carefully 

discussed in order to avoid the overestimation of surface mineral dissolution rate and the 

underestimation of associated activation energy. Thus, both carbonation studies of cleaned and 

uncleaned minerals should be performed in order to fully understand the CO2-mineral-water 

interactions and to develop an optimized carbon mineralization technology.  
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3.3.2. Determination of Fast Mineral Dissolution Kinetics using a Custom Differential 

Bed Reactor 

In the past, most of the mineral carbonation studies were performed in a batch reactor 

regardless whether they were mineral- or solvent-limited cases. Batch reactors were often used to 

study mineral dissolution kinetics (Krevor & Lackner, 2009; Van Essendelft & Schobert, 2009a, 

2009b) but a relatively long induction time (~ 40 min) is needed for these types of reactors to 

reach the reaction temperature and pressure, and pH and ionic strength are difficult to control. 

Others performed mineral dissolution experiments in a semi-batch mode where solid mineral was 

in a batch mode but the solvent phase was in a continuous mode. For example, constant stirred 

tank reactors (CSTR) used by Hänchen et al., (2006) and Prigiobbe et al., (2009), and mixed 

flow reactors employed by Dove & Crerar (1990) operated at steady state conditions helped 

avoid diffusion limited kinetics associated with packed bed reactors. However, in their cases, the 

resulting fluid had low concentrations of dissolved species (e.g., Mg) per unit volume causing 

the difficulty of sample analysis with the given detection limit. Fluidized bed reactors have also 

been used to study mineral dissolution behaviors (Chou & Wollast (1984) to as recent as 2003 by 

Park et al.,). The fluidized bed design allowed an interesting in-situ grinding option ( Park & Fan, 

2004), but it also did not allow the fast kinetic measurements like for the batch CSTRs. Any 

batch type of reactors would undergo an in-situ pH swing as the basic mineral dissolves into 

acidic or neutral solvent. Thus, in order to avoid the pH changes during the kinetic measurements, 

the strong buffer should have been used (Gadikota et al., 2013).   
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To address these issues, a differential bed reactor was proposed to investigate mineral 

dissolution kinetics where the concentration gradients across the thin mineral bed were 

minimized unlike in a packed bed, since the fluid residence time in the bed was short and the 

reacting species were not significantly depleted across the bed length. With respect to mineral 

dissolution studies, pH buffering was not required since fresh solution was always in contact 

with the mineral which allowed for the accurate determination of surface reaction kinetics and 

mechanisms. Flow rates were set at 20–30 ml/min where the radial and axial dispersions were 

minimized based on tracer tests. Unlike most batch reactor systems, only short equilibration time 

was required prior to collecting the liquid samples. Given the absence of time lag in the 

operation of the differential bed reactor, mineral dissolution rates in the range of a few seconds 

to days could be determined using this set-up. Therefore, as illustrated in Figure 3.2(a), it was 

possible to determine mineral dissolution kinetics and mechanisms for both regimes of surface 

reaction dominated and subsequent mass transfer limited regimes. As discussed earlier, the mass 

transfer limitation of mineral dissolution is caused by the formation of a silica passivation layer 

during incongruent dissolution of minerals (Chizmeshya et al., 2007; Daval et al., 2011; King et 

al., 2010).  

Figure 3.5 shows the photo and schematic of the differential bed system developed for this 

study. Solutions of the desired composition were delivered to the reactor using an HPLC pump. 

The pressure in the system was controlled using a backpressure regulator and inert nitrogen as 

the pressure control gas (Equilibar, Fletcher, NC). The back pressure regulator provided 

consistent control over a wide range of fluid flow rates, had a low internal volume to minimize 
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solute dispersion, and could be used from 0.5 to 30 MPa. The reactor bed (Millipore, Billerica, 

MA) was built using a stainless steel high-pressure filter holder with a 47 mm bed diameter. The 

mineral sample was deposited between two Teflon filter elements and enclosed in the filter 

holder. Four cylindrical band heaters sandwiching 2 m of 316SS 1/8” O.D. tubing against an 

aluminum tube was used as a continuous flow heater for the reaction fluid. In addition, another 

band heater was wrapped around the differential bed to maintain the reaction temperature. PID 

controllers were used on both of the temperature heating elements to maintain steady 

temperatures. Rapid quenching of the reaction fluid back to room temperature was performed by 

a 1 m loop of 316SS 1/8” O.D. tubing immersed in the cooling fluid of a recirculating water bath 

set to 15 °C. After the solution passed through the backpressure regulator, liquid samples were 

taken at specified intervals using a Foxy R1 sample collector (Teledyne ISCO, Lincoln, NE). 

The highest sampling interval was 4 seconds and each kinetic test was designed so that the 

sampling rate was decreased in a systematic manner as the mineral dissolution slowed down due 

to the formation of Si-rich passivation layer. The liquid samples were collected into sample tubes 

containing 2% nitric acid to prevent any possible precipitations. Each sample was then diluted 

for the elemental analysis (e.g., Mg, Si, Fe and Ca) using Inductively Coupled Plasma-Atomic 

Emission Spectroscopy (ICP-AES, HORIBA Jobin Yvon, Edison, NJ).  

Using the differential bed reactor, antigorite dissolution studies were performed at 75 
o
C in 0.1 

M Na-oxalate solvent with and without fines (< 5 µm) and the results are shown in Figure 3.6. 

The solvent containing oxalate was used in this study since chelating agents such as oxalate and 

acetate can bound to the Mg or Ca in the mineral matrix and facilitate their dissolution (Krevor 
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& Lackner, 2009; Park et al., 2003; Pokrovsky et al., 2005; Wogelius & Walther, 1991; Zhao et 

al., 2013). The optimal chelating agent would be one with a sufficient affinity towards Mg or Ca 

and high solubility of Mg- and Ca-complexes, while weak enough to release Mg and Ca during 

the carbonation reaction. In other words, the chemical additives should enhance the mineral 

dissolution but do not interfere with subsequent formation of Mg and Ca carbonates. The extent 

of Mg dissolution from antigorite confirmed the hypothesis of lowered activation energy at the 

highly disordered surface of finely ground minerals. As shown in Figure 3.6(a), the initial extent 

of Mg dissolution was significantly higher for the fine olivine (< 5 m) case and as the antigorite 

dissolution proceeded and the rates of mineral dissolution became very similar to each other. 

This indicates that the initial dissolution rates were dominated by the surface reaction and after 5 

minutes the mineral dissolution moved onto the mass transfer regime as the Si-rich passivation 

layer formed. This phenomenon is illustrated in terms of the reaction mechanisms in Figure 

3.6(b). At the initial stage of antigorite dissolution, the Mg:Si was orders of magnitude high, 

particularly for the fine olivine case, indicating accelerated incongruent dissolution of antigorite. 

As the reaction rate slowed down due to the mass transfer limitation, the antigorite dissolution 

became congruent and the Mg:Si curves for with and without fine cases collapsed onto each 

other approaching the stoichiometric Mg:Si value of 1.4 for the congruent dissolution of 

antigorite. These findings suggest that the remove of fines and a well-characterized, narrow 

particle size distribution would be essential for comparing mineral dissolution kinetics across 

different studies.  
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3.3.3. Formation of Different Mineral Carbonate Phases  

The Mg in the aqueous phase form mineral carbonates as the solvent containing dissolved Mg 

is contacted with CO2 or CO2 saturated fluid. As given in Reaction 3.6, the mineral carbonation 

is often assumed to produce only magnesite which is the anhydrous form of magnesium 

carbonate. However, different Mg-carbonate species can be produced depending on the reaction 

temperature (Hänchen et al.,  2008; Zhao et al., 2010) and the type of seeds added to the system. 

Various carbonation studies also showed that other parameters such as reaction temperature, pH, 

partial pressure of CO2, length of reaction time, and ionic strength impact the kinetics and the 

morphological structure of the precipitated calcium or magnesium carbonates (Hänchen et al., 

2008; Zhao et al., 2010, 2013).   

The rate of carbonate formation from the dissolved Mg can be determined based on the 

decrease in the Mg concentration as a function of time. If the Mg concentration is low or the 

mineral dissolution is the rate limiting step in a single-step mineral carbonation scheme, this 

approach will be adequate. However, this method would not work if the Mg concentration is 

high and the overall carbonation reaction is limited by the low solubility of CO2 in water. 

Therefore, a reactor scheme with maximum gas-liquid mass transfer should be adopted for 

mineral carbonation studies.  

In this study, a bubble column reactor with 5.08 cm was constructed such that CO2 is directly 

bubbled into a Mg-rich solution. The gas distributor at the bottom of the column was made from 

a 1/8" thick sheet of PTFE, with custom laser-cut 0.05 mm diameter holes for gas flow. As 
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shown in Figure 3.7, N2 and CO2 were mixed in a 1:1 ratio using two mass flow controllers, and 

prior to introducing the gas into the column; it was heated to the reaction temperature and 

saturated with water. Temperature control within the bubble column was achieved using a loop 

of 1/8" stainless steel tube fed by a water circulation bath. Experiments were performed by first 

allowing the solution and gas to come to equilibrium, and then injecting the desired amount of 

dissolved Mg. The dissolved Mg concentration was tracked by taking liquid samples and 

filtering them in a 0.2 m filter. From this filtered liquid, a known volume was diluted into 2% 

nitric acid, and then analyzed using ICP-AES. Once the reaction was completed, the final solid 

products were collected and analyzed using XRD and SEM.  

Experiments to explore the precipitation kinetics of magnesium carbonates from a 

Mg-containing solution were performed at 75 °C and ambient pressure (PCO2 = 0.5 atm). As 

expected, the precipitation was initially very rapid, with most of the change in dissolved Mg 

concentration occurring in the first 5 minutes due to the highest driving force of Mg 

concentration (Figure 3.8). After a very short induction period, the nucleation of precipitated 

phase was visibly observed.  These results illustrate the importance of maintaining fast mineral 

dissolution kinetics in order to carry out effective direct mineral conversion to carbonates in a 

timely manner.  

In addition to the carbonation kinetics, it is important to investigate which mineral carbonate 

species are formed. In the case of magnesium carbonates, increasing the temperature disrupted 

the water or hydroxyl molecules bounded to meta-stable nesquehonite or hydromagnesite and 

favored the conversion to magnesite (Hänchen et al., 2008). The SEM image given in Figure 3.8 



41 
 

(the inset) shows the formation of hydromagnesite, which is evidenced by rosette shape. 

Increasing the ionic strength by adding salts, reduced the activity of water, which in turn favored 

the formation of magnesite (Hänchen et al., 2008). While increasing the partial pressure of CO2 

favors dissolution of CO2 in water and reducing the system pH, higher concentration of 

carbonate ions is favored at higher pH (i.e., greater than 6). Greater availability of carbonate ions 

and the resulting ionic strength also favor magnesite formation. Therefore, in order to achieve the 

maximum Mg to C ratio during carbon storage and to minimize the weight of the carbonated 

solids for transportation, it may be desired to optimize the reaction conditions to produce 

anhydrous MgCO3 (e.g., high reaction temperature). However, this hypothesis should be 

discussed in terms of the overall life cycle analysis based on the energy requirement for the 

developed carbonation technology. 

3.3.4. Coupled Mineral Dissolution and Carbonation Scheme 

Conventionally, a fixed bed reactor with a mounted rock core has been used to study in-situ 

mineral carbonation under geologic conditions. Unfortunately, the reaction rate of core rocks is 

not sufficient enough for the kinetic studies. Depending on the chemistry and crystal structure of 

the minerals, carbonation can occur over the period of months to years. Thus, many research 

groups have adapted a batch reactor with ground mineral to mimic in-situ conditions and to 

determine the kinetic behaviors of the coupled mineral dissolution and carbonation reactions 

(Chizmeshya et al., 2007; Gerdemann et al., 2007; Munz et al., 2012; O’Connor et al., 2004). 

The use of ground minerals rather than core rocks allowed faster conversion to mineral 
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carbonates by minimizing the mass transfer limitations and the use of CSTR ensured that the 

sample was continuously mixed to minimize concentration and temperature gradients during the 

reaction.  

The experimental setup used in this study is shown in Figure 3.9. The high temperature, high 

pressure batch reactor was connected to a 500D Teledyne Isco syringe pump to deliver high 

partial pressure of CO2 up to 200 atm to the batch reactor. Studies had shown that 15 wt% slurry 

was optimal for a single-step mineral carbonation (Chizmeshya et al., 2007; Gerdemann et al., 

2007; O’Connor et al., 2004). A slurry of mineral and reaction fluid in a hastelloy liner was 

placed in the reactor and sealed. Once the temperature set-point was reached, the reactor was 

pressurized to the specified pressure with CO2, which marked the start of the experiment. Once 

the experiment reached the end of the specified reaction time, the reactor temperature was cooled 

and both solid and liquid samples were collected. For a slurry of about 50 ml, a stirring rate of 

800 rpm was determined to be sufficient to provide effective mixing without bulk mass transfer 

limitation.   

Direct carbonation of antigorite was performed while investigating the effect of different 

chemical additives: oxalate which is known to enhance the antigorite dissolution and the mixture 

of 1.0 M NaCl and 0.64 M NaHCO3 which mimics the buffered brine solution. The Na-salt form 

of oxalate was used to minimize the pH difference in each case. The experiments were 

performed at 185 
o
C and PCO2 = 139 atm for a reaction time of 1 hour. The reacted mineral 

samples were analyzed using Thermogravimetric Analysis (TGA), and Total Inorganic Carbon 

(TIC) and Total Carbon (TC) analyses to determine the extent of antigorite carbonation. It was 
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interesting to note that the extents of carbonation determined using TGA and TIC methods were 

consistent while the TC approach resulted in higher estimates (Figure 3.10). For the discussion of 

the single-step antigorite carbonation study, only TIC results are discussed and the detailed 

discussion on the cause of discrepancies between different analytical techniques is discussed in 

the next section. 

As shown in Figure 3.10, the addition of oxalate and 1.0 M NaCl and 0.64 M NaHCO3 led to 

greater overall carbonation of antigorite. It was anticipated that oxalate which is known to 

effectively facilitate mineral dissolution (Krevor & Lackner, 2009; Park et al., 2003; Pokrovsky 

et al., 2005; Wogelius & Walther, 1991; Zhao et al., 2013) by binding to Mg in the mineral 

matrix to form soluble Mg-oxalate will have a greater impact on the overall antigorite 

carbonation. However, it was found that a simple solvent containing 1.0 M NaCl and 0.64 M 

NaHCO3 performed even better than oxalate solution (comparing the TIC data for both cases). 

 The roles of NaCl and NaHCO3 in the carbonation of magnesium silicate minerals have 

already been speculated by a number of groups. Chloride has a weak chelating effect on 

dissolution of Mg-based minerals (O’Connor et al., 2004), while the presence of 0.64 M 

NaHCO3 was found to be a very effective in facilitating mineral carbonation since it buffers the 

pH of the solution and is a carbon carrier (Gadikota et al., 2013). The concentrations of NaCl and 

NaHCO3 were selected based on their maximum solubilities in water at 25 
o
C (Gerdemann et al., 

2007; O’Connor et al., 2004), and due to the significantly lower solubility of Na-oxalate, only 

0.1 M Na-oxalate solution was used for the oxalate case. The experimental findings (TIC and 

TGA data) suggest that for the coupled mineral dissolution and carbonation scheme, the rate 
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limiting step may be the formation of mineral carbonates which are strong functions of the pH 

and carbonate ion concentration (Saldi et al., 2012). Thus, further optimization of a single-step 

mineral carbonation should involve the use of both Mg-targeting chelating agents and carbonate 

buffers.  

3.3.5. Estimation of the Extents of Mineral Carbonation 

As shown in Figure 3.10, there are many different approaches to determine the extent of 

mineral carbonation ranging from a simple method of the overall weight change to detailed 

Thermogravimetric Analysis (TGA), Total Carbon Analysis (TCA) and Total Inorganic Carbon 

Analysis (TIC). The detailed description and the method of deriving the extent of mineral 

carbonation from the raw data are given in Table 3.3 for each approach.  

The differences among TGA, TCA and TIC methods can be illustrated by comparing the 

results of antigorite carbonation given in Figure 3.10. The TGA analysis of antigorite reacted in 

0.1 M Na-oxalate was complicated by the chemical heterogeneity of carbonated antigorite 

sample, which contained magnesite and unreacted antigorite as well as glushinskte, 

Mg(C2O4).2H2O, which formed due to its relatively low solubility. Reactions 3.9 and 3.10 

represent the thermal decompositions of glushinskite (Frost et al., 2004), where occur at 148 
o
C 

and 397 
o
C with theoretical weight losses of 24.3% and 48.5%, respectively (Frost et al., 2004). 

                                                    (Rx. 3.9) 

                                                     (Rx. 3.10) 
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The second thermal decomposition of glushinskite occurs at 397 
o
C which coincides with the 

calcination of magnesite in the range of 300 - 450 
o
C. Therefore, using TGA it was challenging 

to estimate the carbon content in the carbonated antigorite sample which also contained 

glushinskite. For the same reason, the use of the overall weight change was the most inaccurate 

way of determining the extent of mineral carbonation although it was most widely used in earlier 

studies. The overall weight change cannot even be able to distinguish the weight gains by the 

formation of Mg carbonate phases with different hydration levels (e.g., nesquehonite, 

hydromagnesite and magnesite). 

Unlike the TGA method, TIC and TC analyses directly measure the carbon content in the solid 

samples. Each of these methods also has its own challenges. The accuracy of TIC analysis 

depends on the complete digestion of carbonate samples (e.g., magnesite), which often occurs 

slowly. Therefore, the carbonated mineral is digested at temperatures as high as 75 
o
C in the 

presence of strong acids (e.g., perchloric acid) to accelerate the inorganic carbon analysis. On 

other hand, TCA which involves combusting the solid sample at temperatures as high as 1000 
o
C 

results in the complete conversion of all inorganic and organic content in the sample relatively 

fast. Thus, TCA provides faster analysis compared to TIC method, but, TCA cannot distinguish 

inorganic and organic carbons. Therefore, TCA is not a reliable method to analyze solid samples 

with mixed inorganic and organic carbonaceous materials (e.g., MgCO3 mixed with 

Mg(C2O4).2H2O as in antigorite carbonated in 0.1 M Na-oxalate solution). 

As shown in Figure 3.10, the estimated extents of carbonation of antigorite reacted in 0.1 M 

Na-oxalate were 9.22%, 8.73% and 17.62% for TGA, TIC analysis and TCA, respectively. In the 
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presence of 1.0 M NaCl + 0.64 M NaHCO3, the extents of antigorite carbonation were estimated 

to be 14.9%, 14.4% and 17.1% using TGA, TIC analysis and TCA, respectively. In both cases, 

TGA and TIC analysis resulted in similar extents of antigorite carbonation, while TCA resulted 

in a higher estimation. As expected, the difference between TGA and TIC analysis results versus 

TCA result was greatest (~ almost double) for the oxalate case due to the formation of 

glushinskite. The error associated with TCA results was slightly higher compared to the TGA 

and TIC data for both samples.  

In addition to the complications of analyzing samples containing various carbon-containing 

phases, there has been a considerable uncertainty regarding the appropriate method for 

estimating the carbon storage potential of minerals and rocks. For example, the determination of 

the extent of antigorite carbonation required an understanding of all the species that could react 

with CO2 to form insoluble carbonates. The first step towards this calculation required the 

determination of the CO2 storage capacity.  

        
 

 
    

              

 
                       (Rx. 3.11) 

where   refers to all the metal oxide in the minerals and rocks that can react with CO2 to form 

metal carbonates. Then, the carbon storage potential of the mineral (in the weight base) can be 

estimated via the following equation.   

    

   
  

 

     

  ∑ (
 

 
   

  

   
)        

                               (Eq. 3.1) 

    refers to the mass fraction of alkaline metal (M) in the mineral to form metal carbonate 

phases. WCO2 and WM are weights of CO2 stored in the solid reaction products and the mineral 
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before its carbonation, respectively.   is the molecular weight and 
 

 
 refers to the 

stoichiometric coefficient of CO2 as represented in Reaction 3.11. The mass of CO2 that can be 

trapped in a unit mass of the unreacted mineral, 
 

    

 , is also often used as a measure of CO2 

storage capacity of the mineral. Inversely,     
 refers to the amount of mineral needed to store 

a unit mass of CO2 (Gerdemann et al., 2007; O’Connor et al., 2004). The question is what 

alkaline metal species would be involved in carbonate formation during the interaction with CO2. 

Thermodynamically, there are many metals including Mg, Ca, Fe, Al, Mn, Na and K that could 

form carbonates. However, some of these carbonates would not be observed in reactor systems 

due to very slow kinetics (e.g., Al) or high solubility in water (e.g., Na and K). Na and K react 

with CO2 to form Na2CO3 and K2CO3 which are soluble carbonates. Since Na2CO3 and K2CO3 

do not precipitate from solution at the given experimental conditions, their contribution towards 

CO2 storage as solid carbonates should be ignored. Others may also form alternate mineral 

phases via competing reactions before forming carbonates. Since MnO and Al2O3 constituted 

less than 1 wt% in olivine and antigorite, their contribution to carbon storage can also be ignored. 

Thus, in the actual estimation of carbon storage potential of minerals, particularly earth abundant 

olivine and serpentine, the metal species for carbonate formation should be down selected to Mg, 

Ca and Fe. This leads to the reduced form of Eq. 3.1 given as following: 
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 )       

                (Eq. 3.2) 

Iron (II) oxide is expected to react with CO2 to form siderite (FeCO3). However, the formation of 

siderite was reported to be challenged by the low solubility of iron oxide which may precipitate 
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from the solution before siderite is formed. In fact, previous studies have already shown that iron 

oxide precipitated from the solution during the carbonation of silicate minerals in the absence of 

chelating agents (Gadikota et al., 2013; Gerdemann et al., 2007; King et al., 2010; O’Connor et 

al., 2004). As shown here, it is important to understand the chemistry of the mineral in interest to 

accurately estimate its carbon storage potential and further evaluate its extent of carbonation. 

In this study, the extents of antigorite carbonation were calculated assuming that iron oxide 

does not react to form iron carbonate (Eq. 3.3).  

  
    

   
   

 

    

  (
   

    
   

   

    
  )       

                        (Eq. 3.3) 

The yield or extent of carbonation,     
, is defined as the amount of CO2 stored in the mineral as 

carbonate relative to the CO2 storage capacity of the mineral. As discussed earlier, there are a 

number of methods of quantifying the amount of CO2 stored in the mineral as carbonates: TGA, 

TCA and TIC methods. Thus, depending on the analytical method, a different expression of     
 

was developed. If a TGA method were used to analyze the carbonated solids, the following 

expression can be used for     
.  

          [
                                              

                                  
]        

           =  
(
    
  

)

(
 

    
)

      =     
 (

   

           
)                     (Eq. 3.4) 

where TGA represents the percent weight change of the carbonated solid at its calcination 

temperature. On the other hand, Eq. 3.5 can be used if a TCA were used for the solid analysis.  
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 (
          

             
)                          (Eq. 3.5) 

where TCA represents the weight fraction of carbon in the carbonated sample with a unit of 

[
                

                      
]. The coefficient 3.67 is introduced to Eq. 5 to account for the ratio of the 

molecular weights of CO2 to C. Finally, for the estimation of the yield or extent of carbonation 

for minerals using TIC analysis, the following equation can be used.  

              
 (

          

             
)                      (Eq. 3.6) 

As illustrated here, minerals with high chemical heterogeneity are difficult to study and 

analyze. Thus, it would be important to carefully select the appropriate analytical method and the 

assumptions for estimating carbons storage potential and extent of carbonation.  

3.3.6. Investigation of Chemical and Morphological Changes during Mineral 

Carbonation 

The previous discussions were mostly focused on the kinetics and the extent of mineral 

carbonation. Those findings are very important information for designing ex-situ mineral 

carbonation processes and provide valuable insights into in-situ carbon storage in geologic 

formations. In addition to kinetic and carbonation yield data, additional chemical and 

morphological analyses of the reacted solid and liquid samples can be performed to shed light 

into the complex reaction mechanisms of carbon mineralization (Gadikota et al., 2013; Gadikota, 

Natali, Boschi, & Park, 2014). The detailed chemical and structural studies are also important 

because significant morphological changes during mineral dissolution and carbonation in terms 
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of surface area, pore diameter and particle size have implications on the volume changes, 

reaction mechanisms and safety of CO2 storage in geologic formations. As shown in Figure 3.11, 

there was a significant increase in surface area as antigorite was dissolved in the absence of CO2. 

For the single-step carbonation, the surface area changes would be even more complicated since 

the increase in surface area due to mineral dissolution would compete with its reduction due to 

the carbonate growth as reported in our previous work (Gadikota et al., 2013, 2014). Either way, 

the changes in the surface area indicate the altered availability of reactive surface species. 

Therefore, the estimation of the surface reaction rate which is a function of the surface area 

would be strongly impacted. Thus, the mineral dissolution and carbonation studies should be 

performed in conjunction with in-depth chemical (in terms of mineralogy) and morphological 

studies. 

The formation of various types of mineral carbonates could be quantitatively and qualitatively 

assessed using X-Ray Diffraction (XRD) to support the results obtained using TGA, TCA and 

TIC analysis. Chemical analyses of the reaction fluid before and after the reaction were 

particularly useful in determining the overall material balance and the rate limiting step in a 

single-step mineral carbonation. The Mg concentration in the liquid samples collected 

throughout the carbonation study could show whether the reaction was performed how far from 

equilibrium. The morphological changes such as pore volume, particle size and surface area 

variations during mineral dissolution and carbonation can also provide interesting observations 

related to mineral dissolution and carbonation mechanisms. Changes in the pore volume and 

surface area of the mineral is characterized using BET, while changes in the particle diameter 
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and particle size distribution is determined using a Particle Size Analyzer. Morphological and 

chemical changes are analyzed qualitatively and quantitatively using Scanning Electron 

Microscopy (SEM), Transmission Electron Microscopy (TEM) coupled with Energy-Dispersive 

X-Ray Spectroscopy (EDS), and Wavelength Dispersive X-Ray Spectroscopy (WDS). WDS is 

particularly useful in determining the different phases of the mineral and types of mineral 

carbonates formed post-reaction. A careful correlation between the kinetic data and the 

morphological changes would be essential for the comprehensive discussion of the complicated 

mineral carbonation process. 

3.4. Conclusions 

The mineral carbonation is one of the most permanent methods of CO2 storage and significant 

advancements have been made in terms of accelerating mineral dissolution and carbonate 

formation. Unfortunately, there are significant discrepancies in literature values and it has been 

difficult to compare the published data due to the chemical heterogeneity of the minerals. 

Furthermore, different sample preparation methods (e.g., grinding, sieving, sample storage) 

could lead to large changes in the extent of mineral dissolution and carbonation. Thus, this study 

focused on the development of mineral cleaning protocol that can be used as a standardized 

sample preparation method to be adapted by different groups in order to minimize the 

experimental variation due to fines (< 5 m) that result in an overestimated reaction rate. A novel 

high pressure differential bed reactor was introduced to obtain fast mineral dissolution data with 

rapid sampling frequencies under high pressure and temperature conditions. The study also 
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revealed that the method of carbon analysis is very important for the accurate estimation of the 

extent of mineral carbonation. In particular, the TIC method would be most accurate for 

quantifying inorganic carbon in mineral carbonates when organic chemical additives are used to 

enhance mineral dissolution. Finally, the relationship between the reaction kinetics and 

morphological changes of the minerals was discussed to probe the reaction mechanisms. 
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Nomenclature 

M alkaline metal 

WCO2 weight of CO2  

WM weight of mineral 

RCO2 mass of raw mineral needed to store a unit mass of CO2 

1/RCO2 mass of CO2 stored in a unit mass of mineral 

ym weight fraction of alkaline metal in mineral that can react with CO2 to form 

carbonates 

MWm molecular weight of alkaline metal, M 

MWCO2 molecular weight of CO2 (44 g/mol) 

YCO2,TGA yield or extent of carbonation: mass of CO2 stored in the mineral as solid carbonate 

measured via TGA, relative to CO2 storage capacity  

TGA the percent weight change of the solid sample at its calcination temperature      

( [
                      

                      
]       ) 

YCO2,TCA yield or extent of carbonation: mass of CO2 stored in the mineral as solid carbonate 

measured via TCA, relative to the CO2 storage capacity  

TCA 

 

 

TIC 

 

YCO2,TIC 

 

PCO2 

the weight fraction of carbon in the solid sample  ( [
                

                      
] ) using 

Total Carbon Analysis 

the weight fraction of carbon in the solid sample  ( [
                

                      
] ) using 

Total Inorganic Carbon Analysis 

yield or extent of carbonation: mass of CO2 stored in the mineral as solid carbonate 

measured via TIC, relative to the CO2 storage capacity 

partial pressure of CO2 (atm) 
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Table 3.1. Composition of olivine and antigorite. 

Components Olivine 

(wt%) 

Antigorite 

(wt%) 

MgO 48.40 40.50 

CaO   0.13   0.14 

Fe2O3   9.20   7.80 

SiO2 40.70 37.10 

Al2O3   0.24   0.40 

Na2O   0.05   0.06 

K2O < 0.01   0.02 

TiO2 < 0.01   0.02 

P2O5 < 0.01 < 0.01 

MnO   0.12   0.09 

Cr2O3   0.72   0.47 

V2O5 < 0.01 < 0.01 

LOI% -0.29  13.10 

   *LOI: Loss of Ignition; Material is heated to 1000 
o
C until there is no change in the weight of the sample. 
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Table 3.2. Effect of weathering on olivine carbonation behavior. Experiments were 

performed at 185 
o
C, PCO2 = 139 atm in 1.0 M NaCl + 0.64 M NaHCO3 with 15 wt% solid 

for a reaction time of 3 hours and a stirring rate of 800 rpm. Old samples were stored for two 

years. The old samples were freshly ground, sieved and reacted again at the end of two years. 

The extents of carbonation were reported assuming that Mg and Fe react to form carbonates.  

Olivine 

Sample Type 

Old, cleaned 

olivine sample  

Slurry of old 

olivine sample   

Freshly ground, 

cleaned olivine 

sample  

Slurry of freshly 

ground, 

uncleaned 

olivine  

Freshly ground, 

uncleaned 

olivine sample  

Particle Size  10 – 90 μm < 20 μm  10 – 90 μm < 20 μm 0.3-92.0 μm 

Extent of 

Carbonation  
1.5% 15.1% 11.9% 79.5% 73.1% 
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Table 3.3. Comparison of various methods of carbon analysis. 

Method of 

Analysis 

Characteristics 

Thermogravimetric 

Analysis (TGA) 

 Change in the weight of the sample is measured with change in 

temperature over time 

 Can be used to distinguish between products based on 

decomposition temperature 

 Challenging to estimate the extent of carbonation in materials 

with low content and in samples with overlapping 

decomposition curves so estimation may be a little arbitrary and 

requires confirmation with TIC or TCA 

Total Carbon 

Analysis (TCA) 

 Samples containing carbon are combusted in the presence of O2 

at temperatures around 1000 
o
C such that all inorganic and 

organic carbon in converted to CO2   

 Requires less analysis time compared to TGA or TIC 

 Essential to have a dry sample since % carbon is estimated on 

weight basis and cannot be used to distinguish between product 

phases and organic or inorganic carbon content 

Total Inorganic 

Carbon Analysis 

(TIC) 

 Samples containing inorganic carbon are titrated with a strong 

acid and the evolved CO2 is measured. In some cases the 

solution of acid and sample may need to be heated to 80 
o
C to 

accelerate the release of CO2 

 The most reliable method for estimating CO2 present in a 

material but requires a very dry starting material as in TCA  

 Cannot be used to distinguish between different carbonate 

phases and complete acid digestion of the mineral is slow 
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Figure 3.1. Schematic representation of the effect of chelating agents (e.g., oxalate) on 

olivine dissolution, and the subsequent formation of various phases of magnesium carbonate. 

Magnesite (MgCO3) is favored at higher temperatures, while hydromagnesite 

(Mg5(CO3)4(OH)2·4H2O) and nesquehonite (MgCO3.3H2O) are favored at lower 

temperatures. 
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Figure 3.2. Experimental framework for investigating mineral weathering behavior. 
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 Figure 3.3. Protocol for the removal of fines < 5 µm from minerals.  
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sample; if no particles < 5 µm, proceed
directly to vacuum oven drying, otherwise

follow the steps listed below

Add minerals to a 10 µm sieve

Add deionized water to the sieve and 

seal the top

Place and shake the sieve containing

minerals in an ultrasonic bath filled with
deionized water for 5 minutes
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Figure 3.4. Characterization of antigorite before and after removal of fines (a) particle size 

distribution, and (b) X-ray diffraction with SEM images of antigorite with and without fines.  

 

       

with fines

without fines

<5 µm

(a)

(b)
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Figure 3.5. Experimental apparatus for measuring the dissolution rate of magnesium                

bearing minerals. (A) A photo of the mineral bed during the set-up of an experimental run. 

(B) Block flow diagram of the differential bed reactor system, illustrating maximum 

operating conditions at each stage of the process. 
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Figure 3.6. Antigorite dissolution before and after removal of fines: (a) extent of 

magnesium dissolution, and (b) Mgaq:Siaq in antigorite with and without fines < 5 µm. 

Experiments were performed at 75 
o
C in 0.1 M Na-oxalate adjusted to pH = 3.0.  

 

 

(a)

(b)

Slopewof,1 = 0.23 % min-1

Slopewof,2= 0.24 % min-1

Slopewf,1 = 0.79 % min-1

Slopewf,1 = 0.95 % min-1

Mg: Si stoichiometric  ratio
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Figure 3.7. Schematic of a bubble column reactor to determine mineral precipitation 

kinetics. 
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Figure 3.8. Extent of the formation of magnesium carbonate as determined from the 

decreasing concentration of magnesium at 75 
o
C from a solution of magnesium chloride.  

The inset represents the formation of hydromagnesite (Mg5(CO3)4(OH)2·4H2O).  
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Figure 3.9. Schematic of high temperature, high pressure batch reactor for mineral 

carbonation experiments. 
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Figure 3.10. Comparison of the extents of antigorite carbonation using Thermogravimetric 

Analysis (TGA), Total Inorganic Carbon (TIC) and Total Carbon (TC) methods. 

Experiments were performed at 185 
o
C, PCO2 = 139 atm in 1.0 M NaCl + 0.64 M NaHCO3 

for a reaction time of 1 hour with 15 wt% of solid and a stirring rate of 800 rpm.  
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Figure 3.11. Unreacted antigorite (a) dissolved in 0.01 M Na-oxalate at pH = 3.5 resulted in 

significant changes in the surface morphology and an increase in etch pits as evident from 

(b).  

  

5 μm 5 μm

(a) (b)
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CHAPTER 4 

TUNING DISSOLUTION KINETICS OF WOLLASTONITE VIA 

CHELATING AGENTS FOR CO2 SEQUESTRATION WITH 

INTEGRATED SYNTHESIS OF PRECIPITATED CALCIUM 

CARBONATES 

 

The contents of this chapter have been published in Physical Chemistry Chemical Physics (with 

Y. Park, D.H. Lee, and A.-H. A. Park, Physical Chemistry Chemical Physics, 15(36), 15185–

15192. doi:10.1039/C3CP52459K). 

 

Abstract 

Carbon mineralization has recently received much attention as one of the most promising 

options for CO2 sequestration. The engineered weathering of silicate minerals as a means of 

permanent carbon storage has unique advantages such as the abundance of naturally occurring 

calcium and magnesium-bearing minerals and the formation of environmentally-benign and 

geologically stable solids via a thermodynamically favored carbonation reaction. However, 

several challenges need to be overcome to successfully deploy carbon mineralization on a 

large-scale. In particular, the acceleration of the rate-limiting mineral dissolution step along with 

process optimization is essential to ensure the economic feasibility of the proposed carbon 

storage technology. In this study, the effect of various types of chelating agents on the 

dissolution rate of calcium-bearing silicate mineral, wollastonite, was explored to accelerate its 
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weathering rate. It was found that chelating agents such as acetic acid and gluconic acid 

significantly improved the dissolution kinetics of wollastonite even at a much diluted 

concentration of 0.006 M by complexing with calcium in the mineral matrix. Calcium extracted 

from wollastonite was then reacted with a carbonate solution to form precipitated calcium 

carbonate (PCC), while tuning the particle size and the morphological structure of PCC to mimic 

commercially available PCC-based filler materials. 

4.1. Introduction 

The reduction and stabilization of the atmospheric CO2 concentration is currently one of the 

most challenging problems being investigated by researchers in the energy and environmental 

research areas.
1,2

 Efforts to develop renewable energy sources and improve the efficiency of 

energy production and utilization are underway to reduce anthropogenic CO2 emissions. 

However, given the rapidly rising global demand for energy and increasing consumption of fossil 

fuels, CO2 capture, utilization and storage (CCUS) technologies are necessary to curb the 

atmospheric CO2 concentration.
3
 Various schemes have been proposed and developed for 

technologically and economically feasible CCUS.
4,5

 Currently, the research and development of 

ocean sequestration has nearly stopped in most regions and the geological storage of CO2 has 

been considered as the most economical method for carbon sequestration, while CO2 storage by 

forming mineral carbonates is a relatively new and less explored carbons storage scheme.
6-13 

Since the introduction of the conceptual mineral sequestration as an option for CCUS by 

Seifritz in 1990,
10

 detailed design of such reaction schemes have been proposed,
14

 and in-situ 
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mineral carbonation has also been investigated as a positive fate of CO2 injected in geologic 

formations.
15

 The direct carbonation of earth abundant Mg-bearing silicate minerals such as 

olivine and serpentine was first attempted in a gas-solid process under high pressure and high 

temperature conditions (i.e., 500 °C and 340 bar) by Butt et al., but showing a very slow 

conversion rate.
16

 Lackner et al. proposed an indirect mineral carbonation process to produce a 

more reactive form of magnesium (MgCl2) via multi-step approach.
17

 While the indirect 

processes offered relatively fast reaction kinetics and better product quality, the reaction 

pathways were too complex and energy intensive.
18,19

 Since then a direct mineral carbonation 

scheme in aqueous solutions was developed by OôConnor et al.,
20ī22

 and significant attempts 

have been made via pretreatment of Mg-bearing minerals, for example, heat treatment of 

hydrous magnesium silicate and ex-situ attrition grinding of olivine. It has also been identified 

that the process parameters such as pH, temperature, pressure, and particle size distribution 

significantly affect each reaction kinetic of the mineral carbonation process.
23,24

 More recently, 

the extraction of Mg or Ca from silicate minerals using chemical additives such as salts, acids, 

alkali solutions and ligands has been proposed
25ī28

 and Park and Fan investigated the effects of 

the chelating agents and the in-situ physical activation on the serpentine dissolution along with a 

pH swing scheme to further enhance mineral carbonation.
26 

The pH swing technology allows the 

production of high purity iron oxide and MgCO3 as value-added products, which could 

potentially reduce the overall cost of carbon sequestration. The effects of weak organic acids and 

other chemical additives on the enhancement of the mineral dissolution kinetics were also 

reported.
29-32
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The selection of minerals for either in-situ or ex-situ carbon mineralization largely depends on 

the regional geologic conditions and the reactivity of the minerals as well as potential utilization 

of produced solids. The theoretical CO2 binding capacity (RCO2) for serpentine is 2.1 

(ton-mineral/ton-CO2), whereas RCO2 of wollastonite is 2.6 (ton-mineral/ton-CO2).
33,34

 Thus, less 

serpentine is needed compared to wollastonite to storage the same amount of CO2. However, in 

terms of reactivity Ca-based silicate materials have a great potential and the utilization of 

precipitated calcium carbonate (PCC) would be relatively straightforward since PCC is already 

widely used as important commodity materials (e.g., filler materials in paper, paints, and 

plastics/rubber industries).
35

 

CO2 mineralization using Ca-bearing minerals could be a plausible option in specific areas 

where Ca-bearing silicates are largely deposited. The world reserves of wollastonite are 

estimated to exceed 90 million tons (with the reported maximum estimation of 270 million 

tons),
36

 with large reserves in China, Finland, India, Mexico, Spain, and the United States.
37 

New 

York State, for example, which has one of the largest deposits of wollastonite in the United 

States is a suitable place to adapt CO2 mineralization using Ca-bearing minerals as a CO2 storage 

option. Moreover, the technologies developed for enhancing carbonation of Ca-bearing minerals 

can also be applied to the industrial wastes with similar chemistry, such as steel slag and cement 

kiln dust.
38-41

  

In this study, the effect of various types of chelating agents on the dissolution of wollastonite 

was investigated to accelerate and optimize the weathering kinetics of Ca-bearing silicate 

minerals. The aqueous carbon mineralization reaction scheme presented here also includes the 
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subsequent formation of PCC as a result of CO2 reaction with the extracted calcium ions. By 

controlling the reaction temperature and pH, the particle size distribution and the morphology of 

the synthesized PCC was tailored for various utilization options. 

4.2. Experimental Section 

Materials. Wollastonite was procured from R.T. Vanderbilt Co., Inc. (Norwalk, CT). In order to 

control the particle size for the dissolution kinetic studies, the raw mineral sample was ground 

and sieved to prepare homogenous mineral samples with the mean particle size of 108.59 ɛm. 

The particle size distribution and the crystalline structure of the prepared sample was obtained 

via the laser diffraction measurement (LS
TM

 13 320 MW, Beckman Coulter, Inc., Brea, CA) and 

an X-ray diffractometer (XRG 3000, Inel Inc., Stratham, NH), respectively. The powder X-ray 

diffraction (XRD) patterns were obtained in the 2ɗ range of 20 ī 60° at room temperature, using 

CuKŬ radiation (ɚ = 1.5406 Å). In order to analyze the crystalline structure and the 

corresponding composition of the mineral sample using the XRD patterns, a Rietveld refinement 

method was used via MAUD (Material Analysis Using Diffraction) package.
42

  

Mineral Dissolution. Various chelating agents were selected based on their stability constants 

forming complexes with Ca in aqueous phase (Table 4.1): acetic acid (CH3COOH), 

nitrilotriacetic acid (NTA) (C6H9NO6), picolinic acid (C6H5NO2), iminodiacetic acid (IDA) 

(HN(CH2CO2H)2), ethylenediaminetetraacetic acid (EDTA) (C10H16N2O8), gluconic acid 

(C6H12O7), phthalic acid (C8H6O4), citric acid (C6H8O7), ascorbic acid (C6H8O6), glutamic acid 
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(C5H9NO4), and oxalic acid (C2H2O4). All chelating agents were supplied by Sigma-Aldrich Co. 

LLC (St. Louis, MO). A custom-made differential bed reactor shown in Figure 4.1 was used to 

explore the fast surface dissolution kinetics for each selected chelating agent. In a differential 

bed reactor, the mineral sample would always be in contact with fresh solvent and by design the 

thickness of the mineral sample layer is thin enough to achieve negligible pH gradient along the 

direction of the solvent flow. Thus, there was no need to buffer the solvent for the differential 

bed experiments. If the same experiments were performed with a batch system without buffers, 

the proton concentration in the solvent would have significantly changed and it would be 

difficult to isolate the effect of chelating agents on the wollastonite dissolution. 

A syringe with a solvent capacity of 60 ml was used, coupled with a syringe pump (NE-1000, 

New Ear Pump System Inc., Farmingdale, NY). The solvents containing chelating agents were 

prepared at various concentrations: 0.006 M for monoprotic acids (i.e., acetic acid, picolinic acid, 

and gluconic acid), 0.003 M for diprotic acid (i.e., IDA, phthalic acid, ascorbic acid, glutamic 

acid, and oxalic acid), 0.002 M for triprotic acid (i.e., NTA and citric acid), and 0.0015 M for 

tetraprotic acid (i.e., EDTA). A small amount of wollastonite (20 mg) was uniformly distributed 

in a sample holder, which was then attached to the tip of the syringe containing the selected 

solvent. Even distribution of mineral sample was verified for each experimental run to avoid any 

by-passing solvent flow. The flow rate of the solvent (Qsolvent) was set to 10 ml/min. All the 

experiments were performed at 295 K and the total reaction time was 6 minutes for each 

experimental run. The liquid samples were collected in time intervals of 8 ī 40 seconds and 

re-filtered (pore size: 0.2 ɛm) to avoid any residual mineral particles. The liquid sample was then 
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analyzed for elemental compositions by employing an Inductively Coupled Plasma Optical 

Emission (ICP-OES) Spectrometer (ACTIVA-M, Horiba Jobin Yvon Inc., Edison, NJ). The 

chelating agents with most enhancements as well as sufficient solubilities were selected for 

further dissolution experiments at higher ligand concentrations.  

PCC Synthesis. Wollastonite was dissolved in a batch reactor using 1 M acetic acid, the slurry 

was filtered and the Ca-rich liquid solution was collected. The Ca-rich solution was diluted to 

obtain the Ca concentration of 0.5 M. The pH of the prepared Ca-rich solution (100 ml) was 

adjusted to match the pH of 0.5 M Ca(NO3)2 solution by dropwise adding 1 M nitric acid. The 

Ca-rich solution was then added to 200 ml of 0.25 M K2CO3 solution and stirred at 800 rpm for 

30 minutes to promote the precipitation of CaCO3. These carbonation experiments were 

performed at 295 K and 355 K to investigate the temperature effect on the particle size and the 

morphological structure of the produced CaCO3. PCC was also produced via the same 

experimental procedure but using Ca(NO3)2 solution as a Ca
2+

 source and this model sample was 

used to compare PCC derived from wollastonite. For all model and wollastonite cases, the 

mixture was mixed at 800 rpm throughout the experiments, and the particle samples were 

periodically collected to determine the particle size distribution as a function of time. At the end 

of the carbonation experiment, the slurry was filtered and the filter cake was washed with 

deionized water to remove any residual chemicals. The final products, fine white powders, were 

obtained after drying overnight at 295 K. The produced PCC samples were then analyzed for 

their chemical compositions, particle sizes and morphological structures by using a battery of 
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analytical tools including XRD, laser diffraction, Scanning Electron Microscopy (SEM, 

JSM-5600 LV, JEOL Ltd., Tokyo, Japan). 

4.3. Results and Discussion 

In order to enhance the mineral carbonation and to understand each reaction step better, in this 

study a two-step pH swing process for wollastonite was designed and investigated: (i) 

wollastonite dissolution and (ii) formation of PCC. The procured wollastonite sample was 

ground and sieved to collect particles smaller than 175 ɛm. The mean particle size of 

wollastonite sample was found to be 108.59 µm. By nature, procured mineral samples generally 

contain more than one mineral species, and thus, it was important to analyze the chemical 

composition and crystal structure of the prepared wollastonite sample prior to the mineral 

dissolution study. The chemical structure of wollastonite particles was determined by employing 

X-ray diffraction spectroscopy and the powder XRD pattern with Rietveld refinement fits is 

shown in Figure 4.2. The ground powder mainly contains wollastonite (Wollastonite 1A, space 

group: P ̅, a = 7.963 Å, b = 7.350 Å, c = 7.034 Å, Ŭ = 90.73°, ɓ = 95.10°, ɔ = 104.92°) with 

small amounts of wollastonite 2M (Parawollastonite, space group: P21, a = 15.409 Å, b = 7.322 

Å, c = 7.063 Å, ɓ = 95.30°) and quartz. The morphological structure of wollastonite shows that 

ground wollastonite particles were in an irregular sheet-like shape and that their broken edges 

were very sharp. The elemental analysis performed using the ICP-OES via the lithium 

metaborate - acid dissolution procedure revealed that the elemental concentration of Ca was 27.0 

wt% in the wollastonite mineral sample.
43
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Effects of pH and Ca-targeting Ligands on Wollastonite Dissolution. In order to investigate the 

effect of chelating agents on the dissolution of wollastonite, various chelating agents were 

selected as listed in Table 4.1. Each chelating agent forms complex(s) and in some cases they 

may be precipitated out during its interaction with Ca
2+

 ions in solution. The reaction between 

the metal ion and a ligand can be expressed as, 

  𝑥   L           
𝑥 L 

  
  

                   (Rx. 4-1) 

where M
x+

 and L
y-
 represent metal ion and ligand species, respectively. The stability constants 

(𝛽   
[M 

𝑥+L𝑙
𝑦−

Hℎ
+]

[M𝑥+] [L𝑦−]𝑙[H+]ℎ
) listed in Table 1 indicate how strong these interactions would be for each 

set of Ca and L. As shown in Reaction (4-1), the pH of the liquid phase plays an important role 

in the Ca and ligand interaction as well as the activity of the ligand varies significantly with the 

pH. Since it is difficult to precisely match the activities of all chelating agents in mineral slurry 

systems, the mineral dissolution experiments were first performed under similar pH conditions. 

In order to control the pH, the concentration of each chelating agent was adjusted to 0.006 M, 

0.003 M, 0.002 M, and 0.0015 M for monoprotic, diprotic, triprotic, and tetraprotic acid, 

respectively.  

Figure 4.3 shows the accumulated Ca extraction (%) from wollastonite during the 6-min 

mineral dissolution study. A rapid mineral dissolution was observed in the first few seconds, 

which was mainly due to the dissolution of very fine particles (< 5 µm). Fine particles have a 

very high surface area available for dissolution compared to larger particles. Thus, their 

dissolution rate are often much faster than the normal surface dissolution rate. The reaction time 

for the dissolution experiments was kept relatively short at 6 minutes because a longer 



83 
 

dissolution period resulted in the formation of a passivation layer on the surface of the silicate 

mineral particles. Once the passivation layer was formed, the dissolution kinetic was dominated 

by the mass transfer through the layer rather than the surface mineral dissolution. The Ca 

extraction (%) for each chelating agents was calculated using the following equation, 

   ext  ct  n      
 d

 m
                    (4-1) 

where Md and Mm represent the total dissolved calcium including free Ca
2+

 ions and complexed 

Ca species, and the total initial amount of calcium in the starting material, respectively. Since 

there are twelve data series in Figure 4.3, it looks relatively busy, and thus, the legend was 

organized in the order of the highest (0.006M acetic acid) to the lowest (deionized water) 

dissolution rates. It is clear from Figure 4.3 that calcium extraction from wollastonite was 

significantly enhanced in the presence of all chelating agents except oxalic acid. This is a 

particularly interesting result, since oxalic acid has been reported as one of the best chelating 

agents for the dissolution of Mg-bearing minerals for the purpose of carbon mineralization. In 

other words, it is very important to select the best ligand for each mineral. Another important 

point to be discussed for the data presented in Figure 4.3 is that the trend in the extent of Ca 

extraction does not follow the order of the stability constants.   

Figure 4.4, which was prepared based on the data given in Figure 4.3 at 6 minutes and the 

initial pHs of the solvents, more clearly illustrates the effect of chelating agents on wollastonite 

dissolution. Except for the deionized water, the pH of most solvents ranged from 2.5 to 4. 

Calcium extraction is generally enhanced at lower pH conditions. Interestingly, the solvent 

containing 0.003 M oxalic acid, which shows a pH of ~ 2.6, exhibited the lowest Ca extraction 
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(%) among studied chelating agents. While the stability constant of the Ca-oxalate complex was 

not the lowest of all the chelating agents tested, oxalic acid was found to be inefficient for 

enhancing the wollastonite dissolution because the solubility of calcium oxalate is very low 

(0.000052 M at 293 K). Calcium oxalate precipitated out during the dissolution of wollastonite, 

and therefore, the overall extent of Ca extraction was limited. Other chelating agents performed 

quite well in accelerating the wollastonite dissolution. Chelating agents such as acetic acid, NTA 

and picolinic acid, significantly enhanced the Ca extraction from wollastonite reaching as high as 

17.4% in 6 minutes. This is again interesting since their initial solvent pH values were not the 

lowest among the studied solvents. The initial pHs of those two solvents were ~3.5 (acetic acid) 

and ~3.9 (picolinic acid).  

The activity of each chelating agent in the aqueous solution depends on the system pH. Each 

chelating agent/ligand can make one or several complexes with Ca
2+

 as well as proton, and each 

complex possesses a different stability constant.
44

 In order to investigate the activity of each 

chelating agent at different pH conditions, the activities of the four main chelating agents studied 

(i.e., acetate, oxalate, citrate and EDTA
4-

) were simulated as a function of pH using the 

thermodynamic calculation software (i.e., Visual MINTEQ). As shown in Figure 4.5, while 

EDTA
4ī

 can form the most stable complexes with Ca, its activity at pH of 2.8 was very low. On 

the other hand, acetate has a relatively low stability constant for its complex with Ca, but its 

activity at pH of 3.5 was considerably higher than that of EDTA
4ī

.  In the case of oxalate, both 

the stability constant and the activity at the initial solvent pH condition were competitive, but 

because of the extremely low solubility of the produced Ca-oxalate complex, oxalateôs 
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performance on enhanced wollastonite dissolution was not as effective as other ligandsô.  As 

mentioned earlier, the system pH was different for each chelating agent because the acidic forms 

of chelating agents were used without buffering the solution. 

Based on the wollastonite dissolution results and considering the solubility of each chelating 

agent, three chelating agents, gluconate, citrate and acetate, were selected for further study. In 

order to optimize the wollastonite dissolution step, higher concentrations of these ligands were 

tested and the results are shown in Figure 4.6. As expected, the Ca extractions (%) were 

significantly increased as the concentration of the chelating agents was increased. These results 

were also confirmed by batch mineral dissolution experiments. It was found that compared to the 

kinetic studies performed using the differential bed reactor which was operated far from the 

equilibrium, the batch mineral dissolution was limited by the solubility of Ca-ligand complexes, 

particularly for the citrate case (low solubility of < 1 g/L at 25 ºC if the system pH is higher than 

7). 

Synthesis of Morphologically Controlled PCC. The CaCO3 particles synthesized from two 

different Ca sources, wollastonite and Ca(NO3)2, were compared to investigate the effect of 

heterogeneity of wollastonite on the PCC formation. Figure 4.7 shows the particle size 

distributions of CaCO3(W) and CaCO3(M) at two different temperatures of 295 K and 355 K. As 

shown in Figure 4.7, their particle size distributions at 295 K were similar, whereas their particle 

size distributions at 355 K were quite different. It has been reported in the literature that the 

organic additives and surface modifiers could affect the morphological structure of PCC.
45,46
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Thus, the differences could be attributed to the use of acetic acid to extract Ca from wollastonite. 

The presence of other ionic species leached out from wollastonite along with calcium could also 

affect the formation and the quality of PCC. XRD patterns of CaCO3(W) and CaCO3(M) samples 

were also analyzed to determine  the crystalline structures and compositions of synthesized 

PCC. The XRD patterns of CaCO3(W) and CaCO3(M) synthesized at 297 K and 355 K, and their 

Rietveld refinement fits are given in Figure 4.8. The XRD analyses show that both CaCO3(W) 

and CaCO3(M) produced at 295 K contained two different crystalline structures of PCC: vaterite 

(space group: P63/mmc, a = 4.12 Å, c = 8.45 Å) and calcite (space group: R ̅c, a = 4.99 Å, c = 

17.05 Å). In the case of CaCO3(W), it contained  24 wt% of calcite and 76 wt% of vaterite, 

whereas the fraction of calcite and vaterite in CaCO3(M) were 33 wt% and 67 wt%, respectively. 

Vaterite is metastable, it is not only less common in nature but also commercially a less 

significant polymorph of PCC. In contrast, calcite is the most common polymorph of PCC in 

commercial applications. At the higher temperature of 355 K (Figure 4.8 (b)), both produced 

CaCO3(W) and CaCO3(M) changed their polymorphic structures to aragonite (space group: 

Pnma, a = 4.95 Å, b = 7.96 Å, c = 5.74 Å) with a small amount of calcite (CaCO3(W): 87 wt% of 

aragonite with 13 wt% of calcite, CaCO3(M): 96 wt% of aragonite with 4 wt% of calcite). 

Aragonite was observed as a major polymorph of CaCO3 at 355 K because a phase transition 

from vaterite to aragonite occurs at above 330 K.
47

  

Figure 4.9 shows a comparison of the morphological structures of CaCO3(W) synthesized at 

295 K and 355 K with their corresponding CaCO3(M). As shown in Figures 4.9 (a) and (b), PCC 

particles synthesized at 295 K exhibited spherical shapes, but the shape of the formed PCC 
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changed to needle-like at a higher reaction temperature (Figures 4.9 (c) and (d)). Generally 

aragonite exhibits needle-shape orthorhombic structures, and the aspect ratio (length-to-diameter) 

is a very important property in many applications, particularly for aragonite. High aspect ratio in 

aragonite is suitable in the applications, which require high strength and incident light scattering. 

While the general trend in the morphological changes as a function of reaction temperature was 

similar for CaCO3(W) and CaCO3(M), it was observed that PCC synthesized from Ca-rich 

solution derived from wollastonite was larger and more irregular in its shape. Thus, for the 

ultimate use of PCC produced via enhanced carbonation of wollastonite the particle size and the 

morphological structures can be tuned for specific application (e.g., paper fillers, construction 

materials).  

4.4. Conclusions 

In this study, the enhanced carbonation of Ca-bearing mineral (i.e., wollastonite) was 

systematically investigated in two separate steps. In the first mineral dissolution step, various 

chelating agents were selected and studied to accelerate the leaching of Ca from wollastonite. 

Both the effects of the type of chelating agents and their concentrations were investigated and the 

results were discussed along with the effect of the solvent pH. It was found that all the chelating 

agents tested in this study enhanced the dissolution of wollastonite. Interestingly, oxalate which 

has been reported in the literature as one of the best chemical additives for the magnesium 

silicate minerals did not significantly accelerate the dissolution of wollastonite. This illustrates 

that the mineral dissolution solvent containing chelating agents should be prepared carefully 
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considering the mineralogy of each geologic formation. After the dissolution of wollastonite, the 

leached Ca was reacted with a carbonate solution to form PCC. This study showed that by 

controlling the reaction temperature, the morphological structure of the synthesized PCC can be 

tuned for various applications (i.e., paper fillers, plastic fillers and construction materials). It was 

also found that the presence of chelating agents resulted in the changes of the particle size and 

shape during the synthesis of PCC.  
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Table 4.1. Properties of various chelating agents (β = Stability constant). 

Ligands 
Molecular 

formula 
Complex log(β) 

Ascorbate C6H6O6
2-

 CaL 0.19 

Acetate C2H3O2
-
 CaL

+
 1.2 

Gluconate C6H11O7
-
 CaL2 

1.21 

Glutamate C5H7NO4
2-

 CaL 2.1 

Phthalate C8H4O4
2-

 CaL 2.4 

Oxalate C2O4
2-

 CaL 3.2 

IDA C4H5NO4
2-

 CaL 3.5 

Picolinate C6H4NO2
-
 

CaL
+
 2.2 

CaL2 
3.8 

NTA N6H6NO6
3-

 CaL
-
 7.6 

Citrate C6H5O7
3-

 

CaL
-
 4.7 

CaHL 9.5 

CaH2L
+
 12.3 

EDTA C10H12N2O8
4-

 
CaL

2-
 12.4 

CaHL
-
 16 
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Figure 4.1. Schematic diagram of a differential bed reactor setup for mineral dissolution.  
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Figure 4.2. XRD pattern of wollastonite and its Rietveld refined fits (Rwp = 14.1%). Inset 

illustrates the crystal structure of wollastonite 1A. 
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Figure 4.3. Effect of various chelating agents on Ca extraction from wollastonite as a 

function of time (reaction time = 6 min, temperature = 295 K, Qsolvent = 10 ml/min). 
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Figure 4.4. Comparison of Ca extraction from wollastonite using various chelating agents 

(reaction time = 6 min, temperature = 295 K, Qsolvent = 10 ml/min). 
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Figure 4.5. Simulation results of the activities of chelating agents as a function of pH 

obtained using Visual MINTEQ (Concentrations of acetate, oxalate, citrate and EDTA were 

0.006 M, 0.003 M, 0.002 M and 0.0015 M, respectively. Stars mark the measured initial pHs 

of the solvents used in the experimental studies.) 
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Figure 4.6. Effect of chelating agent concentrations on Ca extraction from wollastonite 

(reaction time = 6 min, temperature = 295 K, Qsolvent = 10 ml/min). Note that in order to keep 

the similar pH levels throughout the experiments, the concentrations of citric 

acid-containing solvents were lower, because citric acid is triprotic acid, whereas the other 

two chelating agents are monoprotic acids. 
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Figure 4.7. Comparison of mean particle sizes (top) and particle size distributions (bottom) 

of CaCO3 synthesized using Ca-rich solutions derived from wollastonite and Ca(NO3)2 at 

295 K and 355 K (reaction time = 30 min, stirring rate = 800 rpm).  
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Figure 4.8. XRD patterns and their Rietveld fits for CaCO3 synthesized using Ca-rich 

solutions derived from wollastonite and Ca(NO3)2 at (a) 295 K and (b) 355 K. Insets indicate 

crystalline the structures of vaterite, calcite and aragonite.  
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Figure 4.9. SEM images of CaCO3 synthesized using Ca-rich solution derived from model 

system of Ca(NO3)2 ((a) and (c)) and wollastonite ((b) and (d)) at two temperature 

conditions of 295 K and 355 K. The scale bars on SEM images are all in the length of 10 

μm. 
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CHAPTER 5 

EFFECTS OF VARIOUS CHELATING AGENTS FOR ENHANCING 

SERPENTINE DISSOLUTION DURING CARBON STORAGE 

 

The contents of this chapter have been prepared as a manuscript for submission to Energy & 

Environmental Science (with J. Wang and A.-H. A. Park, Energy & Environmental Science (in 

preparation)). 

 

Abstract 

Alkaline silicate minerals, such as magnesium silicates and calcium silicates, can react with 

CO2 to form stable carbonate minerals. Carbon storage through the formation of carbonates is a 

potential option for the long-term storage of CO2 at a capacity that exceeds capacities of other 

options of CO2 storage by several orders of magnitude. However, mineral carbonation, which 

can be separated into dissolution and precipitation, is constrained by the slow reaction kinetics. It 

is known that usually mineral dissolution is a rate-limiting step. In this study, various chelating 

agents were tested to chemically enhance the antigorite (a kind of serpentine minerals) mineral 

dissolution rate to accelerate the overall mineral carbonation process. Experiments were 

performed in a custom made syringe pump reactor at pH 2, and it was found that among the 

fourteen kinds of chelating agents oxalate worked best. Other chelating agents also enhanced the 

antigorite dissolution rate compared to deionize (D.I.) water. Effects of concentration of 
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chelating agent, pH and ionic strength on antigorite dissolution were investigated with sodium 

oxalate solution. It was also found that the antigorite dissolution could be separated into two 

stages. In the first stage, the dissolution rate was controlled by the surface chemical reaction, and 

then the reaction rate was controlled by the diffusion through the Si-rich passivation layer. 

Activation energies of antigorite dissolution with 0.01 M sodium acetate in the two stages were 

14.20 kJ/mol and 22.71 kJ/mol at pH 2, respectively, lower than those without chelating agent 

(17.54 kJ/mol and 28.57 kJ/mol), indicating a faster dissolution process with chelating agents. 

5.1. Introduction 

Due to the combustion of large quantities of fossil fuels after the industrial revolution, the 

atmospheric concentration of CO2, which is a greenhouse gas, rose rapidly from 280 ppm in 

1800 to 387 ppm in 2010 (Herzog et al., 2000; Yegulalp et al., 2001; Fankhauser et al., 2001; 

IPCC, 2005; IPCC, 2007). Although its impact on climate change is still controversial, a 

significant increase in the concentration of atmospheric CO2 would lead to other environmental 

damages, for example the acidification of the ocean, so it is certain that Carbon Capture, 

Utilization, and Storage (CCUS) are necessary and important to mitigate rising concentration of 

CO2 in the atmosphere. 

The typical route of CCUS includes separating CO2 from the flue gases of major industrial 

emitters (e.g. power plants and steel mills), transporting to storage sites and maintaining it 

isolated from atmosphere for long term. Regardless the methods of CO2 capture and 

transportation, the proposed main end-of-pipe carbon storage methods are geological storage, 



107 
 

ocean storage and mineral carbonation up to date (Lackner, 2003; IPCC 2007). The initial cost of 

geological storage and ocean storage is cheaper than that of mineral carbonation, but they are not 

permanent processes. The isolated CO2 can escape from the geological formation and ocean. In 

mineral carbonation, however, CO2 reacts with Mg or Ca silicate minerals (e.g. olivine, 

serpentine, and wollastonite) to form very stable carbonate minerals (Lackner et al., 2005; 

Lackner 2002; Lackner et al., 2005; Teir et al., 2006). Another advantage of carbon 

mineralization is the huge capacity. Although, the accurate capacity of mineral sequestration has 

not yet been concluded since comprehensive geological survey of available minerals is on rail, it 

is believed to exceed the total demand of mitigating the CO2 from fossil fuel usage (IPCC, 2005).  

Mineral carbonation can be categorized into in-situ and ex-situ processes. In-situ mineral 

carbonation is the combination of geological storage and underground mineral carbonation. 

However, due to the very slow reaction between minerals and CO2 in natural geologic media, the 

portion of carbon storage by in-situ mineral carbonation is limited. The more attractive process is 

ex-situ mineral carbonation. By pretreating the silicate minerals and adding chemical additives 

during the process, a high reaction rate can be achieved. Most of pre-treatment methods are high 

energy consumption, except size reduction (O’Connor et al., 2000; O’Connor et al., 2001; 

O’Connor et al., 2004; Gerdemann et al., 2002; Huijgen & Comans, 2005; Johan et al., 2007; Li 

et al., 2009). On the other hand, adding chemically additives to enhance mineral dissolution rate 

is considered a more effective way to accelerate the overall reaction rate of mineral carbonation, 

because usually mineral dissolution is the rate-limiting step, not the precipitation of the dissolved 

magnesium or calcium. Extraction of Mg
2+

 and Ca
2+

 from silicate minerals using chemical 
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additives, such as acids and chelating agents, has attracted the attention of many investigators 

during the past two decades (Kakizawa et al., 2001; Park et al., 2004; Maroto-Valer et al., 2005; 

Jarvis et al., 2009; Pokrovsky et al., 2009; Prigiobbe et al., 2009; Krevor et al., 2009; Krevor et 

al., 2011; Zhao et al., 2013).  

In this study, various chelating agents were tested for the process of chemically enhanced 

antigorite dissolution at low pH conditions, and the effects of concentration of chelating agents, 

pH and ionic strength on antigorite dissolution were investigated. The experiment results were 

compared with the thermodynamic calculations of serpentine dissolution. Finally, pseudo 

activation energy of antigorite dissolution was figured out at pH 2 with chelating agents (e.g. 

0.01 M sodium acetate) over the temperature range of 30 ºC to 60 ºC. 

5.2. Experimental Section 

Materials. The representative sample of Cedar Hill antigorite minerals used in the study was 

kindly donated by Albany Research Center. Antigorite minerals were ground and dry sieved to 

collect particles smaller than 75 µm, and then the sample was washed using D.I. water to remove 

the fines (< 5 µm) for the following mineral dissolution kinetic studies (Gadikota et al., 2013). 

After the cleaning, LS™ 13 320 Series Laser Diffraction Particle Size Analyzer manufactured by 

Beckman Coulter was used to measure the mean particle size and particle size distribution. JEOL 

Scanning Electron Microscope (SEM) was used to observe the morphological structures of the 

mineral samples, while NOVA 2200e BET analyzer was used to evaluate the surface area and 

pore size distributions of antigorite minerals. The chemical composition of antigorite minerals 
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was determined by X-ray Fluorescence (XRF) spectrometer, and the results were listed in Table 

5.1 as well as the BET results. 

Mineral Dissolution. Based on the stability constants of Mg-ligand complexs (Table 5.2), 

various magnesium targeting chelating agents were selected for this study and the results were 

compared with our previous antigorite dissolution research using volatile fatty acids produced by 

anaerobic digestion of food waste. The effects of various chelating agents on cleaned antigorite 

minerals were experimentally studied with a custom made syringe pump reactor, which is shown 

in Figure 5.1. The reactor consists of a syringe pump and a filter holder, which is modified to 

accommodate a thin layer of mineral samples to create a differential bed reactor (Zhao et al., 

2013).  First, 0.01 M sodium oxalate, 0.01 M sodium pyrophosphate, 0.01 M sodium phosphate, 

0.01 M sodium ascorbate, 0.01 M sodium citrate, 0.01 M sodium phthalate, 0.01 M sodium 

glutamate, 0.01 M sodium picolinate solvents and D.I. water were prepared, and then the 

solvents were adjusted pH to 2 using 70% nitric acid solution. For each experiment, 60 ml of the 

solvent containing a given chelating agent flowed through a bed of 100 mg of mineral sample at 

a rate (Qsolvent) of 10 ml/min. The total reaction time was 6 minutes and 4 filtrate samples were 

collected with a sampling interval of 5 seconds at the beginning of the experiment. The sampling 

rate was reduced to 10 seconds per sample for the following seven samples, and then reduced to 

30 seconds per sample for the last part of the experiment. The collected liquid samples were 

re-filtered (pore size: 0.2 μm) to avoid residual mineral particles. The elemental concentration of 
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Mg in the liquid samples was analyzed by Inductively Coupled Plasma Optical Emission 

(ICP-OES) Spectrometer (ACTIVA-M).  

Effect of concentration of chelating agent on antigorite dissolution was studied with 0.01 M 

sodium oxalate and 0.1 M sodium oxalate solvents. Effect of solvent’s pH on antigorite 

dissolution was investigated with 0.1 M sodium oxalate solution at three different pHs (e.g. 2, 

3.5 and 5). Sodium nitrate was used to change the ionic strength of the solvent of chelating agent 

to observe the effect of ionic strength on antigorite dissolution. All the experiments were 

conducted at 25 ºC. These experiment results were then compared with the results of 

thermodynamic calculation conducted by Visual MINTEQ. 

Dissolution Kinetics of Antigorite Dissolution. One advantage of using a syringe pump reactor 

for dissolution kinetics study is that antigorite minerals always react with fresh solvent during the 

whole experiment. This makes the measurement of the activation energy of antigorite dissolution 

very simple, because there is no pH change during the measurement. It is known that mineral 

dissolution is very sensitive to pH condition, especially at low pH.  

Dissolution experiments were repeated at 30 ºC, 40 ºC, 50 ºC, and 60 ºC with D.I. water and 

0.01 M sodium acetate solution, respectively. 0.01 M sodium acetate solution was prepared at 25 

ºC and adjusted pH to 2 by 70% nitric acid solution, then heated to the targeting temperature. 

Sample holder was also preheated to the targeting temperature before the each experiment. Table 

5.3 shows the properties of selected solvents at different reaction temperatures. 

Generally, the rate of a liquid-solid reaction is controlled by the following factors: bulk 
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diffusion, passivation layer diffusion, and the chemical reaction. In antigorite dissolution with 

Mg-targeting chelating agents, Si-rich layer, which forms around the un-reacted core, works as a 

passivation layer. The slowest step among them is considered as the rate controlling step.  

The bulk diffusion rate (W1) of the reactants (e.g. proton and chelating agents) can be 

described as: 

    𝜋  
 𝑘    −                                                     (5-1) 

where Cb and Cs are the concentrations of the reactants in the bulk fluid and at the external 

surface of mineral particle, respectively. R0 is the radius of particle and kl is the mass transfer 

coefficient. 

The diffusion rate (W2) of the reactants through the passivation layer adjacent to the surface of 

the un-reacted mineral is: 

     𝜋  𝐷   
  

  
                                                               (5-2) 

where Deff is the effective diffusion coefficient. In most hydrometallurgical systems little error is 

encountered in considering Deff as constant (Sohn et.al., 1979). With the boundary conditions: 

   {
                 

                  
                                                            (5-3) 

where Cc is the concentration of the reactants at the surface of the un-reacted core. rc is the radius 

of the un-reacted core. 

     𝜋𝐷   
 𝑠   𝑐

 / 𝑐  / 0
                                                            (5-4) 

The rate of the chemical reaction (W3) at the surface of un-reacted core is: 

    𝜋  
 𝑘                                                                     (5-5) 

where kr is the reaction rate constant. Under pseudo-steady-state condition, W1, W2 and W3 are 
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equal to the rate of consumption of un-reacted core (-rs), which is: 

−    −
 

  
(
 

 
𝜋  

 𝜌 /  )                                                    (5-6) 

where t is the reaction time, Mw is the molar weight, and ρs is the density. Unmeasurable 

parameters, Cs and Cc can be eliminated, and then –rs can be described as: 

−   −
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                                       (5-7) 

To eliminate another unmeasurable paprameter, rc, a new paparmeter, X, which is the 

conversion ratio is introduced. 

𝑋   − (
 𝑐

 0
)
 

                                                                   (5-8) 

With Eqs. (5-7) and (5-8), the conversion rate is:  

 𝑋

  
  

    𝑏

𝜌𝑠 0[
 

𝑘𝑙
 

 

𝑘𝑟
   𝑋 − /3  

 0
𝐷𝑒𝑓𝑓

(   𝑋 − /3  )]

                                             (5-9) 

By integrating Eq. (5-9), the basic equation for a modified shrinking core model used to 

describe antigorite dissolution can be written as (Homma et al., 2005; Liu et al., 2012; Braun et 

al., 2000; Levenspiel, 1972): 

𝑋

 𝑘𝑙
  

 

𝑘𝑟
[ −   − 𝑋  /  ]   

 0

 𝐷𝑒𝑓𝑓
[ −    − 𝑋  /      − 𝑋 ]   

   𝑏

𝜌𝑠 0
                  (5-10) 

If the antigorite dissolution is controlled by the bulk diffusion, the integrated kinetic equation 

becomes: 

𝑋   
   𝑘𝑙 𝑏

𝜌𝑠 0
   𝑘                                                                (5-11) 

If the antigorite dissolution is controlled by the passivation layer diffusion, the integrated 

kinetic equation becomes: 

 −    − 𝑋  /      − 𝑋    
   𝐷𝑒𝑓𝑓 𝑏

𝜌𝑠 0
   𝑘                                        (5-12) 
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If the antigorite dissolution is controlled by the surface chemical reaction, the integrated 

kinetic equation becomes: 

 −   − 𝑋  /   
  𝑘𝑟 𝑏

𝜌𝑠 0
   𝑘                                                       (5-13) 

where k1, k2, and k3 are the reaction rate constants. Solid sample geometry is very important in 

the liquid-solid reaction system. In this study, the antigorite particles were considered as 

spherical particles.    

5.3. Results and Discussion 

Effect of Fine Particles. Figure 5.2 explains the reason of removal of fine particles, which are 

electrostatically attached to larger mineral particles, before the dissolution kinetics study. 

Because of extremely high surface to volume ratio of fine particles, the presence of fines in 

mineral samples led to unrepresentatively high initial mineral dissolution rates.  

As shown in Table 5.1, after the washing process, the surface area was decreased from 6.442 

m
2
/g to 3.001 m

2
/g, however, the chemical composition of antigorite mineral didn’t change. The 

elemental concentrations of Mg and Si were 25.3 wt% and 17.3 wt%, respectively. The mean 

particle sizes of raw and cleaned antigorite mineral were 45.665 μm and 23.633 μm, respectively, 

and the particle size distribution became narrow after the washing of mineral samples. It was 

found that most of the fine particles were successfully removed from the raw antigorite sample 

after the washing, leaving less than 0.01% of fines in volume. SEM images also indicated that 

fine particles were washed away (Figure 5.3).  
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Effects of Mg-targeting Chelating Agents. The effects of various chelating agents on Mg 

dissolution from the cleaned antigorite were investigated at 25 ºC first. Figure 5.4 illustrates the 

chemically enhanced Mg dissolution from mineral using oxalate as a chelating agent. In the 

absence of chelating agents, protons react with antigorite minerals to extract Mg ions from the 

surface of mineral samples. With Mg-targeting chelating agents, both protons and Mg-targeting 

chelating agents (e.g. oxalate) can react with antigorite minerals to extract Mg ions form the 

mineral matrix. Furthermore, addition of Mg-targeting chelating agents decreases the activity of 

Mg ion in the aqueous system by forming soluble Mg-ligand complexes (e.g. Mg-oxalate (aq)), 

and then promotes the Mg dissolution. This process is much faster than the one without the 

Mg-targeting chelating, but the reaction mechanism is much more complicated. Antigorite is a 

kind of sheet silicates. After the surface Mg-rich layer is dissolved, a Si-rich layer would be 

formed, which is known as a passivation layer for mineral dissolution, and then the dissolution 

rate would be limited by the mass transfer rather than the chemical reaction. 

This study was focused on the dissolution of surface Mg-rich layers to find out effective 

Mg-targeting chelating agents. Both pH and Mg-targeting chelating agent affect the reaction rate 

of surface dissolution. To isolate the effect of chelating agent from pH effect on antigorite 

dissolution, a custom made syringe pump reactor was used instead of a batch reactor, which is 

widely used in the other studies. 

Each Mg-targeting chelating agent forms complex(s) during its interaction with Mg
2+

 ions in 

the aqueous system. The reaction between the metal ion and a chelating agent can be expressed 

as, 
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  𝑥   L           
𝑥 L 

  
  

                            (5-14) 

where M
x+

 and L
y-

 represent metal ion and chelating agent species, respectively. The stability 

constants (𝛽   
[M 

𝑥+L𝑙
𝑦−

Hℎ
+]

[M𝑥+] [L𝑦−]𝑙[H+]ℎ
) indicate how strong these interactions would be for each set of Mg 

and L. The Mg extraction (%) for each chelating agents was calculated using the following 

equation, 

𝑋M                  
 d

 m
                                 (5-15) 

where Md and Mm represent the total dissolved Mg including free Mg
2+

 ions and complexed Mg 

species, and the total initial amount of Mg in the starting material, respectively (Zhao et. al., 

2013). Table 5.2 shows chemical formulas of selected chelating agents for the experiments as 

well as their stability constants with Mg ion.  

Selection of Various Mg-Targeting Chelating Agents. Before experimentally studying the effect 

of various Mg-targeting chelating agents on antigorite dissolution, thermodynamic calculations 

of chelating agent-mineral-water system were performed using Visual MINTEQ software which 

is one of the most widely used chemical equilibrium models for the thermodynamic calculations 

of the natural water systems. Because the model only works for the aqueous systems with low 

ionic strength (< 1 M), the simulation conditions were different from the experimental conditions. 

Chrysotile, which is an important mineral polymorph of serpentine, was selected as the mineral 

phase instead of antigorite due to the available thermodynamic data. For the same reason, some 

chelating agents tested in the experiments were not included in this part of study. Instead of them, 
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some other well-known chelating agents were investigated and compared to the ones 

experimentally studied.  

Chelating agents, such as sodium oxalate, sodium citrate, sodium acetate, sodium EDTA 

(ethylenediaminetetraacetic acid), sodium NTA (nitrilotriacetic acid), sodium glutamate, sodium 

succinate, sodium phthalate and Na3PO4 were selected for the enhanced chrysotile dissolution. 

For the thermodynamic calculations, the amount of chrysotile mineral was set as infinite and the 

concentration of chelating agents was set at 0.1 M. The system pH was fixed at 6 to maintain low 

ionic strength which is required by the Visual MINTEQ. As shown in Figure 5.5, it was found 

that sodium oxalate was most effective for the enhancement of chrysotile dissolution followed by 

sodium phthalate, sodium citrate, sodium NTA, sodium succinate, sodium acetate, Na3PO4 and 

sodium EDTA. Sodium glutamate was worse than deionized water.  

Figure 5.6 shows the accumulated Mg extraction (%) from antigorite minerals in dissolution 

experiments at pH 2. The reaction time for each dissolution experiment was kept at 6 minutes. 

Since there are fifteen data series in Figure 5.6, it looks relatively busy, and thus, the legend was 

organized in the order of the highest to the lowest dissolution rates. It was found that oxalate was 

the most effective chelating agent at pH 2, and much better than other chelating agents at the 

same concentration. Oxalate was followed by valerate, pyrophosphate, phosphate, ascorbate 

citrate and acetate. They showed very competitive effects on Mg dissolution from antigorite. 

Propionate was the least effective one. Antigorite dissolution rate, however, was a little enhanced 

in the presence of propionate compared to the base case (D.I. water). 
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At the fixed pH, the result of thermodynamic calculation of chemically enhanced serpentine 

dissolution mainly depends on the stability constant of Mg-chelating agent complex and the 

activity of ionized chelating agent, for example oxalate
2-

 and EDTA
4-

. Although EDTA
4-

 and 

phosphate have very large stability constants of Mg-chelating agent complexes compared to 

others, they performed worse than others, because their activities in the aqueous system were too 

low. Addition of Mg-targeting chelating agent increases the ionic strength of aqueous system, 

but slightly decreases the concentration of free Mg
2+

 in equilibrium. The concentration of 

complexed Mg species depends on the stability constant and activity of ionized chelating agent. 

If their product is too small, the increased concentration of soluble complexed Mg species can be 

smaller than the decrement of concentration of free Mg
2+

 caused by adding chelating agent. This 

is why sodium glutamate is worse than D.I. water in thermodynamic calculation.     

 Chemically enhanced mineral dissolution by chelating agents can be separated into 

proton-promoted dissolution and ligand-promoted dissolution. Ligand-promoted dissolution is 

related to the reaction between chelating agent and mineral matrix and the reaction between 

chelating agent and dissolved Mg
2+

 ion, which is lowering the concentration of Mg
2+

 ion to 

promote the mineral dissolution. Stronger interaction between chelating agent and Mg may cause 

faster reaction kinetics in ligand-promoted dissolution. A good chelating agent should have high 

stability constant and should be easy to dissociate at give pH condition to keep high activity of 

ionized chelating agent. Oxalate has a relatively high stability constant (10
3.4

) and it is easy to 

dissociate compared to other chelating agents at pH 2. That is why oxalate performed best in this 

study (Zhao et al., 2013).  
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Effect Concentration of Chelating Agent, pH and Ionic Strength. Effects of concentration of 

chelating agent, pH and ionic strength on antigorite dissolution were briefly investigated 

thermally and experimentally with the best Mg-targeting chelating agent, oxalate. Figure 5.7 

shows the results of thermodynamic calculations, and Figure 5.8, Figure 5.9 and Figure 5.10 

shows experiment results of effects of concentration of sodium oxalate, pH and ionic strength on 

antigorite dissolution, respectively. 

As expected, an increase in the concentration of sodium oxalate increased the extraction of Mg 

from serpentine mineral lineally (Figure 5.7 (a)), because the concentration of Mg
2+

 didn’t 

change much and activity of oxalate was lineally increased, which led to the lineal increase of 

the concentration of soluble complexed Mg species, due to the fixed pH and small change in 

ionic strength. Figure 5.8 shows that the effect of sodium oxalate concentration on antigorite 

dissolution. It was found that an increase in the concentration of sodium oxalate didn’t result in 

the lineal increase of extraction of Mg. This result can be attributed to the fact that the 

dissolution reaction rate was mainly controlled by the diffusion of reagent instead of surface 

chemical reaction due to the formation of Si-rich passivation layer.  

Figure 5.7 (b) and Figure 5.9 show the effect of pH on Mg extraction from serpentine mineral. 

Sodium oxalate was added as an Mg-targeting chelating agent both in simulation and 

experiments. With the chelating agents, pH affects mineral dissolution in two ways: (1) Activity 

of proton, which is considered the most important factor of mineral dissolution, is directly related 

to pH value. (2) pH change also results in a change in activity of ionized chelating agent, which 

is known as one of key factors of ligand-promoted dissolution. Usually pH increase causes 
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increase of ligand activity. For example, sodium oxalate dissociation favors high pH based on 

thermodynamic calculation at low pH range (< 7). However, at low pH conditions, pH effect is 

stronger than ligand effect on mineral dissolution, so mineral dissolution still favors low pH even 

with Mg-targeting chelating agents. 

Figure 5.10 shows the effect of ionic strength on serpentine mineral dissolution. Sodium 

nitrate, which cannot react with antigorite mineral, was used as a chemical additive to change the 

ionic strength of the reaction system. The change in system ionic strength affects the activity 

coefficients ionized chelating agent. Since the pH was fixed both in thermodynamic calculation 

and experiments, an increase in ionic strength decrease the activity coefficient of chelating agent 

led to a decrease in activity of ionized chelating agent. As shown in Figure 5.7 (c) and Figure 

5.10, extraction of Mg decreased slightly with the increase of ionic strength at fix pH system. 

This result is consistent with other work that shows that olivine dissolution is decreased in the 

presence of very high ionic strength solutions (Hausrath et.al., 2010). Without pH fixing, ionic 

strength caused by adding chemicals may lead very complicated situation.  

Dissolution Process Kinetics Analysis. Figures 5.11 (a) and (b) show the effect of reaction 

temperature on the extraction of magnesium from antigorite mineral with D.I. water and 0.01 M 

sodium acetate at pH 2, respectively. It is clear that the reaction rate of antigorite dissolution was 

fast initially because of the disordered surface. Antigorite mineral has Mg layers and Si layers. 

At the beginning of dissolution, Mg layers, which were exposed on the surface of the antigorite 

mineral, could be dissolved fast. Then, as a result of increase of the leaching time, Si-rich 
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passivation layer was formed around the un-reacted core, and the dissolution rate was slow down. 

To evaluate the leaching process and obtain the leaching mechanism with D.I. water and 0.01 M 

sodium acetate at pH 2, the conversion ratios of Mg of two stages were fitted and calculated by 

Eqs. (5-11) - (5-13). For the first stage of antigorite dissolution in both cases over the 

temperature range from 30 ºC to 60 ºC, Eq. (5-13) yielded the best straight lines compared to the 

other two kinetic equations, indicating that the first stage of antigorite dissolution was limited by 

the surface chemical reaction between the fluid reactants and antigorite mineral. The linear 

relation between  −   − 𝑋  /  and the reaction time for 0.01 M sodium acetate case can be seen 

in Figure 5.12 (a).  

For the second stage, Eq. (5-12) yielded the best straight lines in comparison with the other 

two kinetic equations. The linear relation between  −    − 𝑋  /     − 𝑋  and the reaction 

time for 0.01 M sodium acetate case can be seen in Figure 5.12 (c), indicating that Si-rich 

passivation layer diffusion mechanism can well represent the second stage of antigorite 

dissolution. Figure 5.12 (b) shows the linear relation between  −   − 𝑋  /  and the reaction 

time for 0.01 M sodium acetate case. 

In order to determine the apparent activation energy of antigorite dissolution, the Arrhenius 

equation as follows was used. 

𝑘     
  
                                                     (5-16) 

equation (5-17) - (5-22) were then derived from Arrhenius equation and the resulting curves are 

plotted in Figures 5.13 (a) and (b) for the two stages of antigorite dissolution with D.I. water and 

0.01 M sodium acetate at pH 2, respectively.  
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First stage: D.I.water (chemical reaction): ln 𝑘  −    −        /                   (5-17) 

First stage: 0.01 M Na-acetate (chemical reaction): ln 𝑘  −    −        /            (5-18) 

Second stage: D.I.water (chemical reaction): ln 𝑘  −    −        /               (5-19) 

Second stage: D.I.water (passivation layer diffusion): ln 𝑘  −    −        /        (5-20) 

Second stage: 0.01 M Na-acetate (chemical reaction): ln 𝑘  −    −        /          (5-21) 

Second stage: 0.01 M Na-acetate (passivation layer diffusion): ln 𝑘  −    −        /   (5-22) 

Correlation coefficients of the curves were 0.9052, 0.9732, 0.8623, 0.9017, 0.9751, and 

0.9838 respectively. Based on the calculated correlation coefficients, it was found that 

passivation layer diffusion model can explain the second stage of the antigorite dissolution better. 

Furthermore, if using chemical reaction control model to explain the second stage of antigorite 

dissolution, the calculated activation energy was too small (around 10 kJ/mol). The activation 

energy of the first stage of antigorite dissolution was 17.54 kJ/mol, and the activation energy of 

the second stage of antigorite dissolution (passivation layer diffusion controlled) was 28.57 

kJ/mol without chelating agent at pH 2. The activation energies of the first stage of antigorite 

dissolution and the second stage of antigorite dissolution (passivation layer diffusion controlled) 

were 14.20 kJ/mol and 22.71 kJ/mol with 0.01 M sodium acetate at pH 2, respectively. As 

mentioned before, because of the disordered surface, antigorite dissolution had fast kinetics 

(lower activation energy) at the beginning of the reaction. With chelating agent, the activation 

energy of antigorite dissolution was decreased, indicating a faster dissolution process. Activation 

energy of Si-rich passivation layer diffusion controlled antigorite dissolution was 20-30 kJ/mol, 

similar to the one of leaching of 12-μm monosize chalcopyrite particles (Sohn et.al., 1979). 
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5.4. Conclusions 

In this study, the chemically enhanced antigorite dissolution was systematically studied. First, 

effects of various Mg-targeting chelating agents on antigorite dissolution were experimentally 

investigated at 25 ºC, and the experiment results were compared with thermodynamic 

calculations of ligand-mineral-water system. It was found that both in experiments and 

thermodynamic calculations oxalate showed the best performance among more than 10 kinds of 

Mg-targeting chelating agents. Then effects of concentration of chelating agent, pH and ionic 

strength on antigorite dissolution were studied. At low pH conditions, pH showed the dominant 

effect on antigorite dissolution by affecting both proton activity and dissociation of chelating 

agent in an aqueous system. A small change in ionic strength didn’t affect the reaction rate much. 

Finally, the activation energy of antigorite dissolution was estimated with and without chelating 

agent (e.g. 0.01 M sodium acetate). The activation energy of antigorite dissolution was around 

15-30 kJ/mol. 
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Table 5.1. Composition and BET results of raw and cleaned antigorite minerals. 

Components 

/BET Results 

Raw  

Antigorite (wt%) 

Cleaned  

Antigorite (wt%) 

MgO 40.5 40.5 

SiO2 37.2 37.1 

Fe2O3 7.62 7.80 

Cr2O3 0.40 0.47 

Al2O3 0.36 0.36 

CaO 0.15 0.14 

MnO 0.09 0.09 

Na2O 0.06 0.06 

K2O 0.01 0.02 

TiO2 < 0.01 0.02 

P2O5 < 0.01 < 0.01 

V2O5 < 0.01 < 0.01 

LOI 14.8 13.1 

SUM 101.2 99.6 

Surface Area 6.442 m
2
/g 3.001 m

2
/g 

Pore Volume 0.024 cm
3
/g 0.011 cm

3
/g 

Pore Diameter 4.162 nm 4.156 nm 

*
LOI: Loss of Ignition; Material is heated to 1000 

o
C until there is no change in the weight of the sample. 
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Table 5.2. Properties of various chelating agents (β = Stability constant). 

Ligands Molecular Formula Mg-Complex Log(β) 

Oxalate (COO)2
2-

 MgL 3.4 

Valerate CH3(CH2)3COO
-
 N/A N/A 

Pyrophosphate P2O7
4−

 

MgL
2-

 7.2 

MgOHL
3-

 9.3 

MgHL
+
 14.1 

Phosphate PO4
3-

 

MgL
-
 4.8 

MgHL 15.3 

MgH2L
+
 20 

Ascorbate C6H7O6
-
 N/A N/A 

Citrate C3H5O(COO)3
3−

 
MgL

-
 4.7 

MgHL 9.2 

Acetate CH3COO
-
 MgL

+
 1.26 

Succinate (CH2COO)2
2-

 
MgL 2.18 

MgHL
+
 6.65 

Phthalate C6H6O6
2-

 MgL 2.52 

Butyrate CH3(CH2)2COO
-
 MgL

+
 0.96 

Glutamate C5H7NO4
2-

 MgL 2.8 

Picolinate C6H4NO2
-
 

MgL
+
 2.6 

MgL2 4 

Lactate CH3CH(OH)COO
-
 

MgL
+
 1.37 

MgL2 2.01 

Propionate CH3CH2COO
-
 MgL

+
 0.97 
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Table 5.3. Effect of reaction temperature on pH and the activities of chelating agents . 

Temperature (ºC) 
D.I water 0.01 M Na-acetate 

pH pH   (M) 

25 2.000 2.000 1.754E-05 

30  2.000 2.000 1.752E-05 

40  2.001 2.001 1.747E-05 

50  2.002 2.003 1.746E-05 

60  2.003 2.004 1.741E-05 
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Figure 5.1. Schematic of a syringe pump reactor for antigorite dissolution. 

  



131 
 

 

Figure 5.2: Effect of fine particles on Mg extraction from antigorite at pH 2 as a function of 

time (solvent = 0.1 M sodium oxalate, reaction time = 6 min, temperature = 25 ºC, Qsolvent = 

10 ml/min). 
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Figure 5.3. SEM images of raw (a) and cleaned (b) antigorite (the scale bars on SEM images 

are all in the length of 50 μm). 
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Figure 5.4. Schematic of the effect of chelating agents (e.g. oxalate) on serpentine 

dissolution. 
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Figure 5.5. Simulation results of effect of various chelating agents on serpentine (e.g. 

chrysotile) dissolution at pH 6 using Visual MINTEQ ([chrysotile] = infinite, [chelating 

agent] = 0.1 M, temperature = 25 ºC). 

  



135 
 

 

Figure 5.6. Effect of various chelating agents on Mg extraction from antigorite at pH 2 as a 

function of time (reaction time = 6 min, temperature = 25 ºC, Qsolvent = 10 ml/min). 
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Figure 5.7. Simulation results of effects of concentration of sodium oxalate ((a)), pH ((b)) 

and ionic strength ((c)) on serpentine (e.g. chrysotile) dissolution using Visual MINTEQ 

([chrysotile] = infinite). 
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Figure 5.8. Effect of chelating agent’s concentration (e.g. sodium oxalate) on Mg extraction 

from antigorite at pH 2 as a function of time (reaction time = 6 min, temperature = 25 ºC, 

Qsolvent = 10 ml/min). 
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Figure 5.9. Effect of pH on Mg extraction from antigorite as a function of time (solvent = 

0.1 M sodium oxalate, reaction time = 6 min, temperature = 25 ºC, Qsolvent = 10 ml/min). 
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Figure 5.10. Effect of ionic strength on Mg extraction from antigorite at pH 2 as a function 

of time (reaction time = 6 min, temperature = 25 ºC, Qsolvent = 10 ml/min). 
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Figure 5.11. Effect of reaction temperature on Mg extraction from antigorite as a function 

of time: solvent for (a) was D.I water at pH 2 at 25 ºC, solvent for (b) was 0.01 M sodium 

acetate at pH 2 at 25 ºC (reaction time = 6 min, Qsolvent = 10 ml/min). 
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Figure 5.12. Simulation of antigorite dissolution rate with 0.01 M sodium acetate at pH 2 ((a) 

is chemical reaction control model of the first stage of antigorite dissolution; (b) is chemical 

reaction control model of the second stage of antigorite dissolution; (c) is diffusion control 

model of the second stage of antigorite dissolution.). The points correspond to the 

experimental data and the lines correspond to the predicted trends.  
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Figure 5.13. Arrhenius plots for the antigorite dissolution using D.I. water ((a)) and 0.01 M 

sodium acetate ((b)) at pH 2. 
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CHAPTER 6 

TAILORED SYNTHESIS OF PRECIPITATED MAGNESIUM 

CARBONATES AS CARBON-NEUTRAL FILLER MATERIALS 

 

The contents of this chapter have been published in Fluidization XIII (with N. Dadap and A.-H. 

A. Park, Fluidization XIII, 821–828). 

 

Abstract  

Predictions of global energy usage and demand trends suggest that fossil fuels will remain as 

the main energy source for the foreseeable future. Unfortunately, the increased amount of 

anthropogenic carbon emitted during the energy production leads to environmental issues 

including climate change. Thus, reducing carbon dioxide emissions in order to stabilize 

atmospheric CO2 levels is crucial, and this would not be achieved without the significant changes 

in the energy conversion processes and the implementation of the carbon capture and storage 

(CCS) technologies. CCS schemes generally consist of three major steps: CO2 capture, 

transportation, and sequestration. Currently, the geological storage of carbon dioxide is considered 

to be the most economical method of carbon sequestration, while mineral carbonation is a 

relatively new and less explored method of sequestering CO2. The advantage of carbon mineral 

sequestration is that it is the most permanent and safe method of carbon storage since the gaseous 

carbon dioxide is fixed into a solid matrix of Mg-bearing minerals (e.g., serpentine) forming a 
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thermodynamically stable solid product. The current drawback of carbon mineral sequestration is 

its relatively high cost. Therefore, this study focuses on tailored synthesis of high purity 

precipitated magnesium carbonate (PMC) to mimic commercially available CaCO3-based filler 

materials, while sequestering CO2. The effects of pH, reaction time and reaction temperature on 

the mean particle size, particle size distribution and particle morphological structures have been 

investigated. Finally, the PMC is synthesized in a solution containing NH4Cl which is currently 

used to dissolve serpentine. 

6.1. Introduction 

As shown during the recent and very rapid fluctuation in the cost of energy, the secure supply 

of energy resources and our ability to use them efficiently are extremely important for the world 

economy. One of the main issues related to the use of inexpensive energy sources (i.e., fossil 

fuels) is carbon management. Carbon dioxide is one of the greenhouse gases which are known to 

drive climate change (IPCC, 2005; IPCC, 2008; CCSP, 2008).  Even without climate change, a 

significant increase in the concentration of atmospheric CO2 would change surface ocean 

chemistry, which could then lead to other detrimental environmental impacts including the 

acidification of the ocean.   

The current rate of global carbon emission is about 8 GtC per year (Broecker, 2007), and it is 

predicted to increase to nearly 26 GtC per year by 2100 (US DOE, 2004). Although this 

estimated value would vary significantly based on each simulation scenario, with different 
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parameters such as the economic growth rate and the utilization of renewable energy, it is certain 

that the carbon management is an important factor in the future of our energy outlook.   

The containment of carbon dioxide generally involves several steps, including CO2 separation, 

transportation, and sequestration, and new integrated technologies are also under development to 

combine or eliminate some of these steps. Carbon storage in geological formations has been most 

widely investigated and demonstrated due to its low initial cost and the existence of the technology 

know-how based on the enhanced oil recovery (EOR) process. However, as the amount of CO2 

stored in geological formations increases, it becomes progressively more difficult to guarantee a 

physical barrier that prevents gaseous CO2 from returning to the atmosphere. Thus, the cost of the 

long term monitoring of CO2 deposits will further increase the overall cost of geological carbon 

sequestration as well as raise the safety concerns. Therefore, the chemical conversion of carbon 

dioxide to a thermodynamically lower state (i.e., calcium and magnesium carbonates) would be 

desirable for the long term storage, and nature is already undertaking this chemical transition in the 

form of weathering of rocks.   

Carbon mineral sequestration is a relatively new and less explored method of sequestering CO2 

and it is achieved through mimicry of the natural inorganic chemical transformation of CO2 

(Reed, 2003). This sequestration process presents a safe and permanent method of CO2 

containment that is based on the chemical reaction of CO2 with non-carbonate minerals forming 

geologically and thermodynamically stable mineral carbonates. The total accessible amounts of 

the minerals, including olivine (Mg2SiO4) and serpentine (Mg3Si2O5(OH)4), are estimated to 

significantly exceed the worldwide coal reserves, and they would react with CO2 via the 
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following chemical reactions (Robie et al., 1978; Lackner et al., 1995; Goff and Lackner, 1998; 

Goldberg, 2001). 

Olivine:  ½  Mg2SiO4 + CO2 Ą  MgCO3 + ½  SiO2+ 89 kJ      

Serpentine:  1/3 Mg3Si2O5(OH)4 + CO2 Ą MgCO3 + 2/3SiO2 + 2/3H2O + 64 kJ    

The current research in this area concentrates on the pretreatment of minerals or the 

optimization of the dissolution and carbonation processes for maximum carbon storage.  

However, due to the relatively high cost for the carbon mineral sequestration processes, a 

breakthrough in this technology will not be possible without considering the utilization of solid 

products. As a part of the author’s prior research, a carbon mineral sequestration process based on 

pH swing has been developed (Park et al., 2003; Park and Fan, 2004).  By carefully controlling 

the pH, three solid products were generated from serpentine via the mineral carbonation process: 

high surface SiO2-rich solids, iron oxide, and highly pure MgCO3·3H2O.  Therefore, this study 

investigates the tailored synthesis of high purity precipitated magnesium carbonate (PMC) as 

filler materials with engineered morphological structures 

6.2. Experimental 

In order to control and monitor the precipitation process while evaluating each experimental 

parameter, a batch system was used instead of a continuous system (e.g., fluidized bed reactor) 

which would more likely be used for the large scale carbon mineral sequestration process.  100 

mL of 0.25 M K2CO3 solution (pH = 5.5) and 50 mL of 0.5M Mg(NO3)2 solution (pH = 12.2) 

were prepared for each run and they were mixed in a glass reactor placed in a water bath to 
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achieve the precipitation of PMC. For all cases, the slurry mixtures were mixed at 800 rpm 

throughout the experiments. Slurry samples were periodically collected and the mean particle 

size and the particle size distribution were determined using a Beckman-Coulter LS 13320 

Particle Sizer. At the end of each run, the final pH of the slurry was measured and the slurry was 

filtered. The filter cake was thoroughly washed with the distilled water and the solid products 

were air dried at ambient temperature by placing them under the fume hood for 5 hours.  Once 

dried, the solid samples were analyzed using a Scanning Electron Microscope (SEM) for their 

morphological structures. 

For the first set of experiments, the effect of the reaction time was determined by taking slurry 

samples at various time intervals up to 2 hours, while maintaining the temperature at 20 ºC.  

Based on the findings from these experiments, the subsequent experiments were carried out with 

the reaction time of 1 hour. Next, the two sets of Mg(NO3)2 solutions were prepared by lowering 

the pH via the addition of HNO3. The pHs of the prepared Mg(NO3)2 solutions were 1.59 and 

2.44, which were significantly lower than the pH of the original solution (pH 5.5).  These two 

solutions were mixed with the original K2CO3 solution at 20 ºC, and for each case, the solid 

products were analyzed using the particle sizer and the SEM. For the third run, the pH of the 

K2CO3 solution was brought to 13.26 by adding KOH and this solution was reacted with the 

original Mg(NO3)2 solution at 20 ºC to create higher pH environment for PMC precipitation.  

For the next experiment, equal molar amount of NH4Cl was added to the original Mg(NO3)2 

solution to simulate the condition in the mineral digestion system, which is a part of the 

pH-swing carbon mineral sequestration process. NH4Cl is one of the chemical additives being 
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investigated as a recyclable solvent for mineral dissolution (Kodama et al., 2008). PMC was then 

synthesized by reacting the Mg(NO3)2 solution containing NH4Cl with the original K2CO3 

solution. Finally, the effect of the reaction temperature on PMC synthesis was investigated by 

reacting 100 mL of 0.25 M K2CO3 solution and 50 mL of 0.5M Mg(NO3)2 solution at 42 ºC, 62 

ºC, and 97 ºC. The stirring rate was again maintained at 800 rpm and the final products were 

collected after 1 hour.  

6.3. Results and Discussion 

Precipitated magnesium carbonate (PMC)’s application is broad including salt, cosmetics and 

toothpaste; however, its demand is rather limited (Kramar, 2006). On the other hand, the demand 

for precipitated calcium carbonate (PCC) is enormous, in the paper, paints, and plastics/rubber 

industries (Miller, 2006; Lazzeri et al., 2005). Particularly, over the past few decades, the paper 

manufacturing industry has seen an increase in the use of PCC as paper filler as the paper 

manufactures moved away from the acid based paper making process. This is especially true in 

North America, where 2.5 MM tons of PCC, approximately 70% of the filler market, are 

consumed annually (Gill, 2005). Appropriate filler materials provide paper with desirable 

physical and optical characteristics including improved dry strength, smoothness, and brightness 

(Teir and Zevenhoven, 2005). The ability control to size, morphology, and uniformity is 

paramount for filler materials, and thus, PCC has become the preferred filler of choice over 

alternatives such as ground calcium carbonate (Teir and Zevenhoven, 2005). Since the PMC 

produced during the above mentioned pH-swing carbon mineral sequestration process is bright 
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white power with great thermal chemical and thermal stability, new applications of PMC are 

proposed to replace PCC in various applications. This will not only provide the additional 

economic benefits to the carbon mineral sequestration process, but also lead to an avoidance of 

large quantities of CO2 that is often emitted during the production of PCC.   

In order to achieve this goal, PMC was synthesized with tailored properties such as the mean 

particle size, particle size distribution and surface morphology, to emulate some commercially 

made PCC particles (Specialty Minerals, 2003) shown in Figure 6.1.   

The first set of experiments shown in Figure 6.2 have revealed that the crystallization of PMC 

form gel-like solid products during the first 30 min of the reaction process. The mean particle 

size was relatively smaller during the initial 30 min and the particle size distribution was also 

narrower. When the dried samples were analyzed using the SEM (Figure 6.3), the gel-like solid 

samples collected at 5 min showed irregular broken pieces, whereas the samples collected at 120 

min demonstrated clear needle shapes. Note that solid samples collected at 5 min were visibly 

much larger than the mean particle size measured by the particle sizer due to the agglomeration 

occurred during the drying process. Particle agglomeration only took place for gel-like samples. 

It has been reported that magnesium carbonates can be synthesized with needle, rosette, 

spherical, sheet, and cake-like shapes by controlling the reaction temperature of pH (Zhang et al., 

2006).  Next set of experiments show the effect of pH on the synthesis of PMC. As shown in 

Figure 6.4, the mean particle size of PMC did not change with pH of the reacting solutions.  

However, the particle size distribution became significantly narrower when PMC precipitation 
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was carried out at higher pH. SEM analysis also revealed that at 20 ºC, all the PMC particles 

were found to be needle shaped (see Figure 6.5), while the aspect ratio of the PMC particles was 

smaller at higher pH resulting in shorter particles. As shown in Figures 6.4 and 6.5, the addition 

of NH4Cl did not change the synthesis of PMC, although the final pH of the slurry was measured 

to be lower.  PMC particles were still needle-like with a mean particle diameter of 19 μm. 

On the other hand, the effects of the reaction temperature on the particle size and the 

morphological structure were found to be quite strong. As the reaction temperature increased 

from 42 ºC to 92 ºC, the particle shape changed from needle-like to spherical-like crystallites and 

the mean particle size was reduced from 24.8 μm to 3.5 μm. The particle size distribution also 

became considerably narrower at higher reaction temperatures. These changes in size and 

morphology are attributed to a combination of factors. This may be due to the increased 

nucleation rate at higher temperatures resulting in the growth of nuclei into smaller particles 

(Zhang et al., 2006; Botha, 2001). The solid sample prepared at 67 ºC resembled the sample 

collected at 92 ºC but it showed a wider particle size distribution as illustrated in Figures 6.6 and 

6.7.   

Both needle-like and spherical-like PMC particles are quite similar to PCC commercial 

samples shown in Figure 6.1. In particular, based on the trends in the particle size and 

morphological structure of PMC particles synthesized at 67–92 ºC, it seem very suitable to used 

PMC as paper filler materials which require spherical shape with 2-4 μm in diameter (Gill, 

2005). 
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6.4. Conclusions 

In this study, precipitated magnesium carbonates (PMC) were synthesized as a part of the pH 

swing carbon mineral sequestration process, for the goal of replacing the filler market for 

precipitated calcium carbonates. By controlling pH and temperature of the crystallization system, 

the PMC was synthesized with the morphological structures that are suitable for the filler 

materials. The synthesized PMC qualifies as carbon-neutral filler materials and the used of solid 

products such as PMC will provide much needed economic benefits for carbon mineral 

sequestration technology as well as minimize the amount of carbonate minerals to be disposed.   
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Figure 6.1. Examples of commercially available PCC morphologies (adapted from Specialty 

Minerals, 2003). 

OPACARB® PCC ALBACAR® PCC

ULTRAPAQUE® PCC ALBAFIL® PCC
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Figure 6.2. Effect of reaction time on the mean particle size and the particle size distribution 

(0.25M K2CO3 100mL + 0.5M Mg(NO3)2 50 mL, T = 20 ºC, stirring rate = 800 rpm). 
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                              (5 min)           (120 min) 

Figure 6.3. Effect of reaction time on the particle morphological structure (0.25M K2CO3 

100mL + 0.5M Mg(NO3)2 50 mL, T = 20 ºC, stirring rate = 800 rpm). 
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Figure 6.4. Effect of pH on the mean particle size and the particle size distribution (0.25M 

K2CO3 100mL + 0.5M Mg(NO3)2 50 mL, T = 20 ºC, stirring rate = 800 rpm, reaction time = 

1 hour). 
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       Final slurry pH = 10.12    Final slurry pH = 10.78      with addition of NH4Cl 

Figure 6.5. Effect of reaction time on the particle morphological structure (0.25M K2CO3 

100mL + 0.5M Mg(NO3)2 50 mL, T = 20 ºC, stirring rate = 800 rpm, reaction time = 1 hour). 
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Figure 6.6. Effect of reaction temperature on the mean particle size and the particle size 

distribution (0.25M K2CO3 100mL + 0.5M Mg(NO3)2 50 mL, stirring rate = 800 rpm, 

reaction time = 1 hour). 
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42 ºC          

 

67 ºC          

 

92 ºC          

Figure 6.7. Effect of reaction time on the particle morphological structure (0.25M K2CO3 

100mL + 0.5M Mg(NO3)2 50 mL, stirring rate = 800 rpm, reaction time = 1 hour). 
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CHAPTER 7 

EFFECTS OF VOLATILE FATTY ACIDS ON ANTIGORITE 

DISSOLUTION KINETICS AND EX-SITU AND IN-SITU FORMATION 

OF MAGNESIUM CARBONATES 

 

The contents of this chapter have been prepared as a manuscript for submission to Energy & 

Environmental Science (with Y. Park and A.-H. A. Park, Energy & Environmental Science (in 

preparation)). 

 

Abstract 

Carbon mineralization is one of the safest methods of sequestering anthropogenic carbon 

dioxide. It is based on the exothermic reaction between carbon dioxide and the metal ions present 

in silicate minerals, such as antigorite, to form geologically and thermodynamically stable 

mineral carbonates. However, several challenges need to be overcome to successfully deploy this 

technology. In particular, the acceleration of the extremely slow mineral weathering step along 

with process optimization is essential to ensure economic feasibility as well as overall 

sustainability. In this study, the effect of volatile fatty acids on the dissolution rate of antigorite 

was explored in a syringe pump reactor to accelerate the weathering rate. First, volatile fatty 

acids were produced via the anaerobic digestion of food waste in a microbial reactor. As these 

chelating agents which are enhancing the carbon storage are derived from a waste stream, their 
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employment in the proposed carbon mineralization technology enhances the overall 

sustainability of the process. Magnesium extracted from antigorite was then reacted with 

carbonates to form precipitated magnesium carbonates to mimic commercially available 

CaCO3-based filler materials. The effects of volatile fatty acids, reaction time, and reaction 

temperature on the mean particle size, particle size distribution, composition, and particle 

morphological structures of precipitated magnesium carbonates were also investigated. Finally, 

the effect of volatile fatty acids on direct aqueous mineral carbonation was studied in a high 

temperature, high pressure batch reactor with antigorite and olivine minerals to predict the effect 

of volatile fatty acids on in-situ mineral carbonation. 

7.1. Introduction 

Carbon dioxide, one of the common gases composing the earth’s atmosphere has increased 

approximately 30% since the industrial age (Herzog et al., 2000). Human activities are 

responsible for almost all of the increased CO2 emission (Yegulalp et al., 2001). Increased CO2 

concentration may acidify the ocean surface and fertilize the ecosystem while its impact on 

climate change is still controversial. Upon the end of the first decade of 21
st
 century, the 

atmospheric level of CO2 has reached 387 ppm ramping up at approximately 2 ppm/y since 2000 

(Tans, 2010). Thus the necessity of removing excess CO2 in the air has long been discussed and 

reasoned.  

The sequestration of CO2 generally involves three steps: capture, transportation, and storage 

(IPCC, 2005). Regardless of the method of carbon capture, the separated CO2 must be 
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transported to disposal facilities. Geological storage, ocean storage and mineral sequestration are 

three of the main carbon sequestration methods proposed to date (IPCC, 2007). Comparing to 

geological and ocean storage, mineral sequestration is relatively new and attracts growing 

attention. The idea of mineral carbonation was first proposed by Seifritz in 1990, and then 

Lackner and his colleagues at Los Alamos National Laboratory applied the process to trap CO2 

(Seifritz, 1990; Lackner et al., 1997). Carbon mineralization involves exothermic carbonation of 

naturally occurring Mg- or Ca-bearing silicate minerals, such as serpentine (Mg3Si2O5(OH)4), 

forsterite/olivine (Mg2Si2O4), and wollastonite (CaSiO3). The well-recognized advantages of 

CO2 mineralization include (i) large storage capacity far exceeding the coal reservoir, (ii) no 

need for long-term monitoring, (iii) ease of accounting and verification of stored CO2, and (iv) 

the production of environmentally-benign and thermodynamically stable mineral carbonate 

products with potential utilization options.  

The current limitation of the carbon mineralization scheme for permanent storage of 

anthropogenic CO2 is the slow reaction kinetics, since the natural weathering of silicate minerals 

occurs on geological time-scales. As an ex-situ option, the mineral carbonation process for the 

enhancement of reaction kinetics has been intensively investigated (Park et al., 2003; Park et al., 

2004; O'Connor et al., 2004; Chizmeshya et al., 2006). Most of the prior studies have focused on 

the pretreatment of minerals to increase the overall conversion, including heat treatment and 

wet-attrition grinding of Mg-silicate minerals (O'Connor et al., 2005). These methods, however, 

are highly energy intensive and cannot be applied to geologic sequestration. Recent studies have 

been focused on enhancing the dissolution rate by adding chemical additives to accelerate the 
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overall reaction rate (Kakizawa et al., 2001; Park et al., 2004; Maroto-Valer et al., 2005; Jarvis 

et al., 2009). However these chemical additives usually cannot be recycled during the mineral 

carbonation process. Thus it is required that good chelating agents should be cheap and easy to 

produce for large scale mineral carbonation. Acetate is one of well-known chelating agents for 

mineral carbonation, and it can be produced by anaerobic digestion of food waste (Kakizawa et 

al., 2001; Gujer et al., 1983). Various volatile fatty acids (VFAs) produced by the fermentation 

of food waste may be good chemical additives for both ex-situ and in-situ mineral carbonation. 

Figure 7.1 and Figure 7.2 show the overall schematics of ex-situ and in-situ enhanced mineral 

carbonation via anaerobic digestion of food waste. High concentrated VFAs are intermediate 

products during the process of anaerobic digestion of food waste (Figure 7.3) (Vieitez et al., 

1999).  

Another problem of mineral carbonation is that the cost of the carbon mineralization process 

for sequestration is dominated by up front energy costs during the mineral processing and 

carbonation. Therefore, it has been argued that without a major breakthrough in this technology 

it will not be possible to deploy this carbon storage scheme on a large-scale. One of the methods 

of reducing the overall cost of the carbon mineralization process is the utilization of solid 

products for value-added materials, e.g. precipitated magnesium carbonates (PMC) and 

precipitated calcium carbonates (PCC). The demand for PCC as filter material is enormous in 

paper, paints, and plastics/rubber industries (Huijgen et al., 2005; Teir et al., 2005; Iizuka et al., 

2004; Huntzinger et al., 2009).
 
PMC’s application is broad, but its demand is smaller than PCC’s 

(Kramar, 2006). Commercially available PCC is engineered for various physical and optical 



166 
 

properties including dry strength, smoothness, and brightness depending on the applications. The 

morphological uniformity and the narrow particle size distribution are also key characteristics. 

Since the produced PMC in the process of carbon mineralization is also white powder, and their 

particle size distribution, morphological structure, dry strength as well as smoothness can be 

controlled by process conditions, it was proposed that PMC could replace PCC in various 

applications (Zhao et al., 2010). The versatile utilization of PMC can provide additional 

economic benefit to the process of carbon mineralization.  

In this study, the effect of various types of chelating agents, which were produced by 

anaerobic digestion of food waste, on the dissolution of antigorite was investigated to accelerate 

and optimize the weathering kinetics of Mg-bearing silicate minerals. The two-step aqueous 

carbon mineralization reaction scheme presented here also includes the subsequent formation of 

PMC as a result of carbonates reaction with the extracted magnesium ions. By controlling the 

reaction temperature, the particle size distribution and the morphology of the synthesized PMC 

was tailored for various utilization options. Finally, a high temperature, high pressure batch 

reactor was used to investigate the effect of volatile fatty acids on direct aqueous mineral 

carbonation to predict the effect of volatile fatty acids on in-situ mineral carbonation. 

7.2. Experimental Section 

Materials. Cedar Hill antigorite and Twin Sisters olivine minerals from Albany Research Center 

were selected for this study. They were ground and sieved to collect particles smaller than 75 µm, 

and then a comprehensive protocol was developed to remove the fines (< 5 µm) from the milled 
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mineral samples for the subsequent kinetic studies. The milled mineral samples were first placed 

in a 10 µm sieve manufactured by W.S. Tyler. The sieve containing the mineral sample was 

covered with a solid cap and was shaken in an ultrasonic bath filled with deionized (D.I.) water 

for 5 minutes to wash out the fines. At the end of washing cycle, D.I. water was replaced by 

fresh D.I. water and the washing step was repeated. This process was repeated five times, and 

therefore, the total washing time was 25 minutes. A vacuum oven was used to dry the cleaned 

minerals (Gadikota et al., 2013). LS™ 13320 Series Laser Diffraction Particle Size Analyzer 

manufactured by Beckman Coulter was used to evaluate the particle size and particle size 

distribution. JEOL Scanning Electron Microscope (SEM, JSM 5600LV) was used to obtain the 

morphological structures of the mineral samples, while NOVA 2200e BET analyzer was used to 

determine the surface area and pore size distributions of the mineral samples. The chemical 

compositions of raw and cleaned minerals were analyzed by X-ray Fluorescence (XRF) 

spectrometer. 

Mineral Dissolution. The effects of various organic chelating agents, which were produced via 

the process of anaerobic digestion, on cleaned antigorite minerals were experimentally studied. 

Syringe pump reactor was selected for the study of the kinetics of antigorite dissolution. The 

reactor setup is shown in Figure 7.4 (a). The reactor consists of a syringe pump (NE-1000) 

instead of a batch mixing unit which was generally used in the prior work in literature. The filter 

holder is modified to accommodate a thin layer of mineral samples to create a differential bed 

reactor (Zhao et al., 2013). 0.01 M sodium acetate, 0.01 M sodium propionate, 0.01 M sodium 
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butyrate, 0.01 M valeric acid, 0.01 M sodium lactate and 0.01 M sodium succinate solvents were 

prepared. The solvents were adjusted pH to 2 and 5 with 70 wt% nitric acid or 50 wt% sodium 

hydroxide. For each experiment, 60 ml of the solvent containing a given chelating agent flowed 

through a bed of 100 mg of mineral sample at a rate (Qsolvent) of 10 ml/min. The total reaction 

time was 6 minutes and 4 filtrate samples were collected with a sampling interval of 5 seconds at 

the beginning of the experiment. The sampling rate was reduced to 10 seconds per sample for the 

following seven samples, and then reduced to 30 seconds per sample for the last part of the 

experiment. The collected liquid samples were re-filtered (pore size: 0.2 ɛm) to avoid residual 

mineral particles. The elemental concentration of Mg in the liquid samples was analyzed by 

Inductively Coupled Plasma Optical Emission Spectrometer (ICP-OES, ACTIVA -M, Horiba 

Jobin Yvon Inc).  

PMC Synthesis. The effect of chemical additives on PMC formation was studied first. Three 

different chemical additives – 0.1 M sodium acetate, 0.1 M sodium propionate and mixture of 

VFAs, which contained 0.022 M sodium acetate, 0.015 M sodium propionate, 0.004 M sodium 

succinate and 0.002 M sodium valerate, were selected for this study.  For each experiment, 150 

mL of 0.5 M Na2CO3 solution and 150 mL of 0.5 M Mg(NO3)2 solution containing a given 

chemical additive were prepared. These solutions were mixed in a batch reactor placed in a water 

bath (Figure 7.4 (b)) to synthesize PMC. The slurry was mixed at 800 rpm throughout 

experiment. Experiments were conducted at 355 K, and the aging time was 2 hours for the each 

experiment.  
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Second, the effects of reaction temperature and aging time on PMC formation were studied. 

For each experiment, 150 mL of 0.5 M Na2CO3 solution and 150 mL of 0.5 M Mg(NO3)2 

solution with 0.1 M sodium acetate were prepared. Experiments were conducted at 4 different 

reaction temperatures – 295 K, 315 K, 335 K and 355 K to study the effect of reaction 

temperature. Aging time was 2 hours for each experiment. The effect of aging time was studied 

at 295 K and 355 K. Eight experiments were conducted at 295 K at 8 different aging times (0.25 

hour, 0.5 hour, 1 hour, 2 hours, 4 hours, 8 hours, 16 hours and 48 hours). Another four 

experiments were completed at 355 K, and the aging times were 0.25 hour, 0.5 hour, 1 hour and 

2 hours, respectively.  

Finally, Mg
2+

 extracted from antigorite minerals by nitric acid was used to form PMC. After 

dissolving antigorite with nitric acid (1 M), the slurry was filtered and the liquid solution was 

collected. The liquid solution was diluted by D.I. water and the concentration of Mg
2+

 in the 

diluted solution was 0.5 M. Then the pH of the diluted solution was adjusted as same as the pH 

of 0.5 M Mg(NO3)2 solution by NaOH. During the pH adjusting, iron oxide was precipitated out. 

The slurry was filtered to remove iron oxide precipitation and the liquid solution was collected. 

This solution (150 mL) was then added to 150 mL 0.5 M Na2CO3 solution and stirred at 800 rpm 

for 2 hours to achieve precipitation of MgCO3 at 355 K. 

At the end of each run, slurry samples were collected and the mean particle size and the 

particle size distribution were determined using a particle size analyzer. Then slurry was filtered, 

and the filter cake was thoroughly washed with D.I. water and the solid products were dried by 

Freeze Dryer. Once dried, the solid samples were analyzed using a SEM for their morphological 
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structures. Thermogravimetric Analysis (TGA) and Raman spectroscopy (LabRAM ARAMIS, 

Horiba Jobin Yvon Inc) were used for the analysis of chemical component and composition. 

A high temperature, high pressure batch reactor (Figure 7.5) was used to study direct aqueous 

mineral carbonation. 7.5 mg of raw antigorite or olivine mineral, 42.5 ml of the prepared solvent 

and liquid CO2 were fed into the batch reactor which was then pressurized to 75 atm by an ISCO 

high pressure syringe pump. 0.1 M sodium oxalate, D.I. water, 0.64 M NaHCO3, mixture of 0.64 

M NaHCO3 and 1 M NaCl and mixture of VFAs were used for the study of antigorite 

carbonation to mimic in-situ mineral carbonation. D.I. water, mixture of VFAs, 1 M sodium 

acetate, mixture of 0.64 M NaHCO3 and 1 M NaCl and mixture of 0.64 M NaHCO3, 1 M NaCl 

and VFAs were prepared for olivine carbonation. The contents were mixed to allow for effective 

heat and mass transfer. First, the reactor was heated to 185 ºC in 40 minutes, and then the 

pressure of system was increased from 75 to 150 atm (PCO2 = 139 atm) by the pump and the 

timing began. The reaction time was three hours for each experiment. Once the reaction was 

completed, the reactor was cooled to 60 °C in 80 minutes, depressurized and the contents were 

filtered. The extent of carbonation was determined by a TGA.  

7.3. Results and Discussion 

Cleaned Antigorite Minerals. Most of the prior studies have used ground mineral samples that 

were dry-sieved to collect a narrow cut of particle sizes. In these cases, the kinetic data have to 

be adjusted to account for the rapid initial dissolution occurred due to the dissolution of fine 

particles (< 5 m) electrostatically attached to larger mineral particles. The fine particles present 
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in mineral samples would lead to unrepresentatively high initial mineral dissolution rates due to 

extremely high surface to volume ratio. Thus, it is important to remove all the fines prior to 

dissolution kinetic studies in order to directly use the initial dissolution rates. The preparation of 

antigorite minerals for this dissolution kinetics study included four main steps: grinding, sieving, 

washing and drying. Most of the fine particles were successfully removed from the antigorite 

mineral samples leaving less than 0.01% of fines in volume after the washing step.  As expected, 

after the washing process, the average particle size of antigorite minerals was decreased from 

23.633 m to 45.665 m and the surface area was decreased from 6.442 m
2
/g to 3.001 m

2
/g. 

XRF results indicated that there was no change in the chemical compositions of raw antigorite 

minerals and cleaned antigorite minerals. The elemental concentrations of Mg and Si were 25.3 

wt% and 17.3 wt% respectively in both raw and cleaned antigorite minerals. The mean particle 

size and surface area of raw olivine minerals, which were used in the study of direct aqueous 

mineral carbonation, were 20.63 m and 2.98 m
2
/g, respectively. The elemental concentrations 

of Mg and Si were 29.0 wt% and 19.0 wt% respectively in the raw olivine minerals. 

Effects of pH and Mg-targeting Ligands on Antigorite Dissolution. The effects of various 

organic chemical additives, which were produced by the anaerobic digestion of food waste, on 

cleaned antigorite dissolution were investigated at 25 ºC. In the absence of ligands, protons 

react with antigorite minerals at the surface first and produce Mg
2+

 and silicic acid. This is how 

nature weathers magnesium silicate minerals and this process is very slow. After the outer layer 

of the minerals is dissolved, a diffusion limiting Si-rich layer will be formed, and the mineral 
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dissolution rate would be limited by the mass transfer through the Si-rich layer rather than the 

surface reaction rate. With Mg-targeting ligands, both protons and Mg-targeting ligands react 

with antigorite minerals, and make Mg
2+

, Mg-complexes as well as silicic acid. This process is 

much faster than the one without the ligands, but it is much more complicated. 

In this study, surface reaction kinetic, which can be used to predict the rate of in-situ mineral 

carbonation also, was studied. To capture the fast reaction kinetic during the first few minutes in 

the mineral dissolution, a custom-made syringe pump reactor was used. The application of the 

syringe pump reactor allows the use of the solvents without adding buffers since the thin layer of 

the mineral samples would be always in contact with the stream of fresh solvent. In this way, the 

effects of pH and chelating agents can be studied separated. 

Each organic chemical additive produced by the process of anaerobic digestion of food waste 

forms complex(s) during its interaction with Mg
2+

 ions in the solution. The reaction between the 

metal ion and a ligand can be expressed as, 

  𝑥   L           
𝑥 L 

  
  

              (7-1) 

where M
x+

 and L
y-

 represent metal ion and ligand species, respectively. The stability constants 

(𝛽   
[M 

𝑥+L𝑙
𝑦−

Hℎ
+]

[M𝑥+] [L𝑦−]𝑙[H+]ℎ
) indicate how strong these interactions would be for each set of Mg and L. 

The mg extraction (%) for each chelating agents was calculated using the following equation, 

   ext  ct  n      
 d

 m
                   (7-2) 

where Md and Mm represent the total dissolved Mg including free Mg
2+

 ions and complex Mg 

species, and the total initial amount of Mg in the starting material, respectively (Zhao et. al., 
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2013). Table 7.1 shows all the chemical additives derived from anaerobic digestion of biomass 

and their chemical properties as well as the stability constants with magnesium ions.  

Figure 7.6 shows the accumulated Mg extraction (%) from antigorite minerals in the first 6 

minutes mineral dissolution at pH 2 and pH 5. The reaction time for each dissolution experiment 

was kept at 6 minutes since longer dissolution period would form diffusion limiting Si-rich layer 

and dissolution rate would be limited by the mass transfer. A speedy mineral dissolution was 

observed in the first few seconds at pH 5 (Figure 7.6 (b)), which was mainly due to the 

dissolution of remained 0.01% of fines after the cleaning process. At pH 2 (Figure 7.6 (a)), 

however, that phenomenon was not obvious because of the faster dissolution due to the low pH. 

The mineral dissolution rate at pH 2 was almost 10 times faster than the one at pH 5. It shows 

that at low pH conditions pH is the dominant factor in the mineral dissolution.  

Since there are seven data series in both Figure 7.6 (a) and Figure 7.6 (b), it looks relatively 

busy, and thus, the legend was organized in the order of the highest to the lowest dissolution 

rates. At pH 2, it was found that valerate was the most effective chelating agent for the antigorite 

dissolution compared to acetate, succinate, butyrate, lactate and propionate at the same 

concentration. Propionate was the least effective chelating agent. Magnesium extraction from 

antigorite, however, was a little enhanced in the presence of propionate compare to the base case 

(D.I. water). At pH 5, valerate continued to be more effective than other chelating agents. 

However, succinate became the second effective chelating agent in facilitating antigorite 

dissolution. Lactate, acetate and butyrate showed competitive effects on enhancing antigorite 
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dissolution, and propionate was still the least effective one among all chelating agents produced 

by anaerobic digestion of food waste. 

As shown in Reaction (7-1), pH and activity of Mg-targeting ligand mainly affect the mineral 

dissolution rate at fixed temperature. Figure 7.7 shows the activities of acetate
-
, propionate

-
, 

butyrate
-
, valerate

-
, lactate

-
 and succinate

2-
 in their 0.01 M solution under various pH conditions. 

The legend was organized in the order of the highest (lactate
-
) to the lowest (succinate

2-
) 

activities. They were calculated by thermodynamic calculation software (Visual MINTEQ). 

Activities of acetate
-
, propionate

-
, butyrate

-
 and valerate

-
 were similar under various pH 

conditions. At low pH, acetate has a much higher activity than succinate, so acetate works better 

in facilitating antigorite dissolution than succinate. At high pH, the difference between the 

activity of acetate
-
 and the activity of succinate

2-
 becomes much smaller, and it was found that 

succinate performed better in enhancing antigorite dissolution than acetate, because succinate 

can make stronger and more stable Mg complexes than acetate. The reason for valerate’s 

effectiveness is not very well understood. Valerate is not a common chemical additive and the 

stability constant of Mg-valerate complex is not known. Another interesting finding was that 

lactate was not a good chelating agent for antigorite dissolution as expected, considering the high 

activity of lactate
-
 and stability constant of Mg-lactate. 

Synthesis of PMC in the presence of volatile fatty acids. Since acetate, propionate, succinate 

and valerate were the final products in the process of anaerobic digestion of food waste, their 

mixture was selected for the study of effect of various chemical additives on magnesium 
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carbonates formations. The result was also compared with the effect of 0.1 M acetate and 0.1 M 

propionate. It was found that the effect of low concentrated chelating agents on the mean particle 

size and the particle size distribution could be neglected at 355 K. The mean particle sizes of four 

PMC samples (without chelating agent, with 0.1 M sodium acetate, with 0.1 M sodium 

propionate and with mixture of chelating agents) were all around 4 m, and they had narrow 

particle size distributions. TGA results of 4 PMC samples, which were produced at 355 K, were 

exactly same. The weight loss of each sample was around 57%. Raman spectra as shown in 

Figure 7.8 had same characteristic peaks at 1130 cm
−1

, which indicated that the final products 

were hydromagnesite (Edwards et al., 2005). It is known that the formation of the different 

compounds of PMC is mainly controlled by the reaction kinetics (Hänchen et al., 2008). It seems 

that the low concentrated chelating agents can enhance the antigorite dissolution rate, but cannot 

affect the carbonation kinetics. Mg
2+

 ions are surrounded by the water layers in the solvent, and 

the water layers are forming a barrier (Hänchen et al., 2008). This is why it is easy to form 

hydrated PMC than the anhydrous form. It was reported that the secondary water layer can be 

influenced by changing the system temperature and salinity (Christ and Hostetle, 1970). In this 

study, the low concentrated chelating agents were not strong enough to affect the secondary 

water layer to form anhydrate PMC at 355 K.  

Since acetate is the main product in the process of anaerobic digestion of food waste and other 

VFAs didn’t show any significant different effect on PMC formation in first serial of 

experiments, 0.1 M acetate was used as a chemical additive for the following experiments. 

Figure 7.9 and Figure 7.10 show that the effect of the reaction temperature on the particle size 
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and the morphological structure were critical. As the reaction temperature increased from 295 K 

to 355 K, the particle shape changed from needle-like to rosette-like crystallites (Figure 7.10) 

and the mean particle size was reduced from 20 to 4 m (Figure 7.9). The particle size 

distribution also became considerably narrower at higher reaction temperatures (Figure 7.9 (a)) 

(Zhao et al., 2010). Raman spectra as shown in Figure 7.9 (b) indicate that PMC samples 

produced at 295 K and 315 K were nesquehonite and PMC samples produced at 335 K and 355 

K were hydromagnesite. Nesquehonite and hydromagnesite have characteristic peaks at 1105 

and 1130 cm
−1

, respectively. As mentioned before, reaction temperature is the key factor in the 

formation of PMC, because the precipitation reaction kinetic is a strong function of the reaction 

temperature. Usually only nesquehonite can be formed at 298 K, and as temperature increses 

various hydrated magnesium carbonates can be formed, commonly hydromagnesite. It was 

reported that the transformation from nesquehonite to hydromagnesite happens at temperature 

approximately above 313 K (Zhang et al., 2006). In this study, the transformation was observed 

at temperture between 315 K and 335 K. 

Figure 7.11 (a-1) shows the effect of aging time on the mean particle size and particle 

morphological structure as well as the particle size distribution at 295 K. At short aging time, the 

mean particle size of PMC was around 15 micron and the particle size distrubution became broad,  

because PMC samples exhibited needle-like shape. For long aging time, the mean particle size of 

PMC was less than 10 micron and the particle size distrubution was narrow, due to phase change. 

In order to investigate the effect of aging time on PMC formation behavior, TGA was employed 

that the result was shown in Figure 7.12 (a). Theoretically, the weight loss of nesquehonite 
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(MgCO3·3H2O) is around 71 wt% during the calcination whereas the weight loss of 

hydromagnesite (Mg5(CO3)4(OH)2·4H2O) is around 57 wt%. As shown in the TGA pattern, for 

short aging time, the weight loss of PMC samples was around 70 wt%, and the samples contains 

nesquehonite dominantly with trace amount of hydromagnesite. However, the weight loss of 

PMC sample which had 48 hours aging time was around 60 wt%. This reveals that the PMC 

sample is a mixture of nesquehonite and hydromagnesite. SEM images for the short and 

long-aging samples were also obtained and the results showed that as aging time increase, the 

PMC shape changes from needle-like nesquehonite to particle-like hydromagnesite (Figure 7.12 

(b)). Raman spectra (Figure 7.11 (a-2)) show a small peak around 3650 cm
−1

, which indicates the 

-OH group, for the PMC sample produced in 48 hours (Zhao et al., 2010). At 355 K, the effect of 

aging time on PMC formation was not significant. Mean particle size decreased a little with 

longer aging time, but the particle size distributions were almost same as shown in Figure 7.11 

(a-2). Moreover, there was no difference between Raman spectra as represented in Figure 7.11 

(b-2).  

PMC particles produced at 355 K with two different magnesium sources were compared and 

the results are shown in Figure 7.13. As shown in Figure 7.13 (a), Raman spectra of PMC 

synthesized from model system of Mg(NO3)2 and antigorite are almost identical. The produced 

PMCs are assigned to hydromagnesite. In addition, the mean particle sizes and particle 

morphological structures as well as the particle size distributions of two PMC samples were 

almost same. Mg-rich solution derived from antigorite dissolution by nitric acid should contain 

cations besides Mg
2+

, for example Ca
2+

, K
+
 etc., and anions besides NO3

-
 compared to the model 



178 
 

solvent of Mg(NO3)2. However, these ions cannot change the system salinity enough to affect the 

precipitation kinetics, because their concentrations were very low. The main cation except Mg
2+

 

in the dissolved antigorite solution was Fe
3+

, but it was precipitated out at low pH before forming 

PMC. Considering the low solubility of silica at low pH conditions, the concentration of 

dissolved silica can be neglected compared to the dominant anion nitric in the Mg-rich solution 

derived from antigorite dissolution by nitric acid.  

In direct aqueous mineral carbonation, dissolution of minerals and precipitation of dissolved 

cations happen simultaneously. By dissociating the dissolution and precipitation steps, it is easy 

to find out the optimal reaction condition for each step separately, which may result in the 

enhancement of the overall reaction rate. For direct aqueous mineral carbonation, however, by 

combining the dissolution and precipitation together, one step has to compromise with conditions 

of pH of solution and reaction temperature to accommodate both steps. It is known that 

dissolution of silicate minerals favors low pH and high temperature condition, but the optimal 

condition for precipitation of carbonates is high pH and low temperature. However, this process 

route is the most promising option so far because of the simple process and low cost compared to 

other ex-situ mineral carbonation. Furthermore, the overall reaction rate of direct aqueous 

mineral carbonation can be a clue to predict the reaction rate of in-situ mineral carbonation. In 

is-situ mineral carbonation, dissolution of minerals and precipitation of dissolved cations happen 

at the same time also. 

Since the overall reaction rate is slow in direct aqueous mineral carbonation, several chemical 

additives were selected to accelerate the process: sodium oxalate, which is known as the best 
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chelating agent for magnesium silicates mineral dissolution; bicarbonate/salt mixture, which is 

the most common additive (0.64M NaHCO3/1.00M NaCl) so far (O’Conner et al., 2000); 

volatile fatty acids produced by the process of anaerobic digestion of food waste, which are 

considering as a cheap chelating agents and performed well in antigorite dissolution.  

Figure 7.14 shows the effect of various chemical additives on antigorite carbonation in a high 

temperature, high pressure reactor. An interesting finding was that 0.1 M sodium oxalate was a 

bad chemical additive for direct aqueous antigorite carbonation and it was lowering the extent of 

carbonation, because dissolved magnesium ions can react with oxalate ions to form very 

insoluble precipitates. Using a diluted oxalate solvent may avoid this problem, however, it seems 

that antigorite carbonation is very limited by the dissolution of minerals. Low concentrated 

solvent cannot accelerate the dissolution rate much.  

0.64 M NaHCO3, 1 M NaCl and the mixture of 0.64 M NaHCO3 and 1 M NaCl did not 

enhance the overall reaction rate much neither, because these solvents are not effective for 

antigorite dissolution. Sodium chloride can increase the concentrations of soluble 

magnesium-chloride complexes and decrease the activity of magnesium ion in the reactor 

resulting in enhancing the dissolution reaction rate. However, sodium chloride is known as a 

very weak chelating agent and it is not effective in this case. The effect of sodium bicarbonate is 

increasing the concentration of bicarbonate in the solution, so the reaction rate of mineral 

carbonation increases. Since antigorite carbonation is limited by dissolution step, bicarbonate 

cannot enhance the overall reaction rate. Mixture of VFAs had a lower pH than other solvents 

because of the two weak acids in the mixture. VFAs are also the better chelating agents than Cl
-
, 
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and they don’t make any insoluble precipitates like oxalate. That’s why mixture of VFAs can 

enhance the extent of carbonation around 2% in 3 hours compare to the base case (D.I. water). 

This 2% difference may not good enough for the ex-situ mineral carbonation, but in in-situ 

mineral carbonation it may be a big improve because of the long time scale. To promote direct 

aqueous antigorite carbonation, adding some chemical additives to decrease system pH during 

the reaction may be a good solution. 

Figure 7.15 shows the effect of various chemical additives on olivine carbonation. Unlike 

antigorite carbonation, olivine carbonation is limited by the carbonation step. Without 

bicarbonate ions in solvent, the extent of carbonation is lower than 15%, even with 1 M NaCl. 

With 0.64 M bicarbonate in solvent, the extent of carbonation is higher than 70%. Mixture of 

VFAs can enhance the extent of carbonation around 10% more with 0.64 M NaHCO3. High 

concentrated fatty acid solvents, e.g. 1 M sodium acetate, can accelerate olivine carbonation a 

little, because they work as chelating agents to enhance the mineral dissolution and also work as 

pH buffers to accelerate CO2 hydration to promote the carbonation step.  

7.4. Conclusions 

Carbon mineral sequestration is a promising CO2 sequestration option, and compared to 

geological and ocean CO2 sequestration methods, it is a permanent and safe way to store CO2, 

because it fixes CO2 into stable carbonate minerals. The main drawback of carbon mineral 

sequestration is its slow kinetics and relatively high cost. Aqueous mineral carbonation methods 

seem to be the most attractive process route so far. To accelerate the overall slow reaction rate, 
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many studies have focused on enhancing the mineral dissolution rate by adding chemical 

additives, so it is very important to find effective and cheap chemical additives. In this study, 

volatile fatty acids produced via anaerobic digestion of food waste were introduced to both 

indirect and direct aqueous mineral carbonation processes. In dissolution step, it was found that 

volatile fatty acids can enhance antigorite dissolution rate, especially valeric acid and acetic acid 

performed very well. In precipitation step, this study showed the possibility of replacing the 

commercially available PCC by PMC, which was carefully synthesized by controlling the 

reaction conditions to have uniform mean particle size, particle distribution and morphological 

structure. It was also found that the presence of low concentrated volatile fatty acids did not 

affect the formation of PMC. In direct aqueous mineral carbonation, it was found that volatile 

fatty acids were not as effective as in mineral dissolution process, however, they can enhance the 

overall reaction rate a little which may be very important for in-situ mineral carbonation. In 

direct aqueous mineral carbonation, the study indicated that antigorite carbonation was limited 

by the slow dissolution of minerals, on the other hand, olivine carbonation was limited by the 

precipitation of dissolved Mg
2+

. 
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Table 7.1. List of chemical additives derived from anaerobic digestion of biomass.  

 Molecular Formula Complex Log β 

Acetate CH
3
COO

-

 ML
+
 1.26 

Propionate CH
3
CH

2
COO

-

 ML
+
 0.97 

Butyrate CH
3
(CH

2
)
2
COO

-

 ML
+
 0.96 

Valerate CH
3
(CH

2
)
3
COO

-

 N/A N/A 

Lactate CH
3
CH(OH)COO

-

 ML
+
/ML2 1.37/2.01 

Succinate (CH
2
COO)

2

2-

 ML/MHL
+
 2.18/6.65 
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Figure 7.1. Schematic of experimental setup for ex-situ mineral carbonation. 
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Figure 7.2. Overall schematic of the microbial and chemical enhancement of in-situ carbon 

mineralization. 
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Figure 7.3. Anaerobic digestion (Left: adapted from Gujer et al., 1983, Right: adapted from 

Vieitez et al., 1998). 
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Figure 7.4. Experiment setup for two-step mineral carbonation. 
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Figure 7.5. Schematic of the high temperature, high pressure batch reactor. 
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Figure 7.6. Effect of various chelating agents on Mg extraction from antigorite as a function 

of time (reaction time = 6 min, temperature = 295 K, Qsolvent = 10 ml/min), measured at (a) 

pH=2, and (b) pH=5. 
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Figure 7.7. Simulation results of the speciation activities of chelating agents as a function of 

pH calculated from Visual MINTEQ software. The concentration of each chelating agent 

was 0.01 M, and the activity of each chelating agent in the solvent which was used in 

mineral dissolution experiment was pointed out. 
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Figure 7.8. Raman spectra of produced PMC samples using various ligands. Samples were 

synthesized at 355 K for 2 hours. During the reaction, the concentration of 

acetate/propionate was 0.1 M. Chemical composition of FA mixture was 0.022 M sodium 

acetate, 0.015 M sodium propionate, 0.004 M sodium succinate and 0.002 M sodium 

valerate. 
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Figure 7.9. (a) Mean particle size and chemical composition of PMC synthesized from 

Mg(NO3)2 with 0.1 M sodium acetate as a function of reaction temperature. (b) Raman 

spectra of the synthesized PMC as a function of reaction temperature (full -range). Magnified 

Raman spectra in the range of (c) CO3
2-

 stretching bands, and (d) OH
−
 bands. (Reaction time 

was 2 hours for this study, and reaction time was 1 hour for the previous study.).  
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Figure 7.10. SEM images of PMC synthesized from Mg(NO3)2 with 0.1 M sodium acetate at 

different temperature conditions. The scale bars on SEM images are all in the length of 10 

µm. (Reaction time = 2 hours). 
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Figure 7.11. Mean particle size and Raman spectra of PMC synthesized (a-1) & (a-2) at 295 

K, and (b-1) & (b-2) at 355 K. The PMC was produced from Mg(NO3)2 with 0.1 M sodium 

acetate as a function of aging time. 
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Figure 7.12. Effect of reaction time on PMC formation at 295 K with 0.1 M sodium acetate; 

(a) TGA result, and (b) SEM images (Left: PMC formed at 15 mins; Right: formed at 48 

hours). The scale bars on SEM images are all in the length of 5 µm. 
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Figure 7.13. (a) Raman Spectra of PMC synthesized using Mg-rich solution derived from 

model system of Mg(NO3)2 and antigorite. (b) Their SEM images (Left: PMC from 

Mg(NO3)2; Right: antigorite). The scale bars on SEM images are all in the length of 5 µm. 

(Reaction time = 2 hours). 
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Figure 7.14. Effect of various chemical additives on antigorite carbonation in a high 

temperature, high pressure reactor. 
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Figure 7.15. Effect of various chemical additives on olivine carbonation in a high 

temperature high, pressure reactor. 
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CHAPTER 8 

CONCLUSIONS AND FUTURE WORK 

8.1. Conclusions 

In this study, the enhanced carbonation of Ca-bearing and Mg-bearing silicate minerals was 

systematically investigated by separating mineral carbonation into two steps. Firstly, in the 

mineral dissolution step, the effects of various chelating agents on wollastonite and antigorite 

dissolution were experimentally investigated, as well as the dissolution kinetics. In the 

precipitation step, extracted Mg
2+

 and Ca
2+

 ions were reacted with carbonate solutions to form 

PMC and PCC. The study shows that by carefully controlling the reaction conditions (e.g. 

reaction temperature, aging time etc.), the synthesized PMC and PCC can be tuned for various 

applications (e.g. paper fillers, plastic fillers etc.). The purpose of these investigations was to 

chemically enhance the mineral dissolution rate to accelerate the overall slow mineral 

carbonation process and to produce value-added products to reduce the cost of mineral 

carbonation process.  

An experimental framework including mineral pre-processing, experimental set-up, and post 

reaction analyses was proposed. The importance of removal of fine particles from the mineral 

samples was discussed. The fines particles present in mineral samples would lead to 

unrepresentatively high initial mineral dissolution rates due to extremely high surface to volume 

ratio. A custom made differential bed reactor was introduced for the study of the mineral 

dissolution. The application of a differential bed reactor for mineral dissolution allows the use of 
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the solvents without adding buffers since the thin layer of the mineral samples would be always 

in contact with the stream of fresh solvent. In this way, the effects of pH and chelating agents can 

be studied separately. 

Enhanced carbonation of wollastonite mineral was experimentally investigated in two separate 

steps. In the dissolution step, various chelating agents were selected and studied to accelerate the 

extraction of Ca
2+

 from wollastonite minerals. Both the effects of the type of chelating agents 

and their concentrations were investigated. It was found that all the chelating agents tested in this 

study (e.g. acetic acid, picolinic acid, gluconic acid, IDA, phthalic acid, ascorbic acid, glutamic 

acid, oxalic acid, NTA citric acid and EDTA) enhanced the dissolution of wollastonite. Some of 

them (e.g. acetic acid and gluconic acid) significantly improved the dissolution kinetics of 

wollastonite even at a much diluted concentration of 0.006 M by complexing with calcium in the 

mineral matrix Interestingly, oxalate which has been reported in the literature as one of the best 

chemical additives for the magnesium silicate minerals did not significantly accelerate the 

dissolution of wollastonite. After the dissolution of wollastonite, the leached Ca
2+

 was reacted 

with a carbonate solution to form PCC, and the study indicated that by controlling the reaction 

temperature, the morphological structure of the synthesized PCC can be tuned for various 

applications. It was also found that the presence of chelating agents (e.g. acetate) resulted in the 

changes of the particle size and shape during the synthesis of PCC. 

Chemically enhanced dissolution of antigorite mineral was experimentally investigated. More 

than 10 kinds of chelating agents, including sodium oxalate, valeric acid, sodium pyrophosphate, 

sodium phosapate, sodium ascorbate, sodium citrate, sodium acetate, sodium succinate, sodium 
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phthalate, sodium butyrate, sodium glutamate, sodium picolinate, sodium lactate and sodium 

propionate, were tested for the antigorite dissolution at pH 2. It was found that among the 

fourteen kinds of chelating agents oxalated worked best. Other chelating agents also enhanced 

the antigorite dissolution rate compared to deionize (D.I.) water. Among the fourteen kinds 

chelating agents, six of them can be produced by the anaerobic digestion of food waste. There 

are acetate, propionate, butyrate, valerate, lactate and succinate. Valerate performed best on 

antigorite dissolution, followed by acetate. Furthermore, Pseudo activation energy of antigorite 

dissolution was figured out with chelating agent (e.g. 0.01 M sodium acetate) and without 

chelating agent (e.g. D.I. water) at pH 2 over the temperature range from 25 ºC to 70 ºC.  

PMC were synthesized as a part of the pH swing carbon mineral sequestration process, for the 

goal of replacing the filler market for PPC. It was found that by controlling pH and temperature 

of the crystallization system, the PMC cloud be synthesized to have uniform mean particle size, 

particle distribution and morphological structures that are suitable for the filler materials. It was 

also found that the presence of low concentrated volatile fatty acids did not affect the formation 

of PMC. The synthesized PMC qualifies as carbon-neutral filler materials and the used of solid 

products such as PMC will provide much needed economic benefits for carbon mineral 

sequestration technology as well as minimize the amount of carbonate minerals to be disposed. 

Volatile fatty acids produced via anaerobic digestion of food waste were introduced to direct 

aqueous mineral carbonation processes to mimic in-situ mineral carbonation. In direct aqueous 

mineral carbonation, it was found that volatile fatty acids were not as effective as in the mineral 

dissolution process; however, they can enhance the overall reaction rate a little which may be 
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very important for in-situ mineral carbonation. In direct aqueous mineral carbonation, the study 

indicated that antigorite carbonation was limited by the slow dissolution of minerals, on the other 

hand, olivine carbonation was limited by the precipitation of dissolved Mg
2+

. 

8.2. Future Work 

In direct aqueous antigorite carbonation, it was found that the overall reaction rate limited by 

the dissolution of antigorite because of the relatively high pH during the reaction and 

commercially available pH buffers were not strong enough to lower the system pH. Enhancing 

the hydration of CO2 with a catalyst (e.g. carbonic anhydrase enzyme) to control the pH in the 

reactor may be a good solution. In-situ high temperature should be very useful to monitor the pH 

condition in the high temperature, high pressure reactor.  

The mechanism of ligand-promoted dissolution is not well known, especially at low pH 

conditions. There is no common equation can well present the rate raw of mineral dissolution 

with chelating agents at low pH.  

      

      

 

 

 


